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Precipitation of surfactants is one of the most important considerations in 
surfactant applications. Understanding the formation and dissolution of surfactant 
precipitates provides more effective utilization of surfactants. In this study, firstly, the 
kinetics of precipitation of mixed anionic surfactants with calcium ion was studied 
and the relationship between the supersaturation ratios of precipitating surfactants and 
the rate of surfactant precipitation was established. The precipitation in mixed anionic 
surfactants is delayed substantially when the supersaturation ratios of precipitating 
surfactants are approximately the same, indicating the growth of each precipitating 
surfactant is interrupted by use of growing crystals as nucleation sites for the 
dissimilar surfactant to form crystals. Secondly, precipitation phase boundaries of an 
anionic surfactant and a pH sensitive amphoteric surfactant were measured and 
modeled at different pH levels. A hydrogen ion titration to obtain the pKa of the 
amphoteric surfactant, regular solution theory to describe mixed micelle formation, 
and the solubility product of the precipitate were combined to predict the precipitation 
phase boundary. Lastly, the thermodynamics and kinetics of the dissolution of 
precipitate of calcium salt of a long chain fatty acid or soap scum using water-soluble 
surfactants and ligand were studied. Simultaneous removal of calcium from the soap 
scum molecule by ligand complexation and formation of mixed micelles of the alkyl 
carboxylate anion molecules and co-surfactants are responsible for high solubility and 
rapid dissolution of soap scum. The solution pH plays an important role in the 




molecule and the release of calcium by affecting the effectiveness of the chelating 
agent used, as well as affecting the formation of mixed micelles by altering the charge 
on the surfactant head groups of a pH-sensitive amphoteric surfactant when used as 







The content in this dissertation can be divided into three major areas related to 
the formation and dissolution of surfactant precipitates. Chapter 2 is the study of 
mixed anionic surfactants (sodium dodecyl sulfate (SDS) and sodium octylbenzene 
sulfonate (SOBS)) precipitated with calcium ion. The supersaturation ratios of each 
precipitating surfactants were calculated and related to the delay in the precipitation 
reaction. The delay in the precipitation reaction in mixed anionic surfactant micelles 
occurs when the values of the supersaturation ratio of precipitating surfactants are 
almost the same. The interruption of crystal growth by another precipitating 
surfactant is responsible for the delay in the precipitation reaction as evidenced by 
image analysis done using several techniques including optical spectrophotometry, 
and scanning electron microscopy.  
Chapters 3 and 4 discuss the interaction between anionic surfactant (SDS) and 
pH-sensitive amphoteric surfactant (dimethyldodecylamine oxide (DDAO)). In 
Chapter 3, the hydrogen ion titration combined with regular solution theory was used 
to obtain the concentration of each component at varying pH levels. Chapter 4 applied 
the method used in Chapter 3 to model the precipitation phase boundaries in a 
solution of SDS and DDAO at varying pH by incorporating the solubility product of 
precipitates of SDS and protonated DDAO. The prediction of precipitation phase 
boundaries agrees well with the experimental precipitation phase boundaries. 
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The last topic covered in this dissertation is the dissolution of soap scum, 
which is a calcium salt of long chain fatty acid. In this study, calcium stearate 
(Ca(C18)2) was used as the model soap scum. Chapter 5 discusses the equilibrium 
solubility of Ca(C18)2 in three different types of surfactants including anionic 
surfactant (SDS), amphoteric surfactant (DDAO), and nonionic surfactant (octyl 
polyglycoside (C8APG)) in the presence of a chelating agent (disodium 
ethylenediaminetetraacetate (Na2EDTA)) at varying pH levels. The kinetics of 
dissolution of Ca(C18)2 in these surfactant solutions is discussed in Chapter 6. It was 
found that the removal of calcium and the synergism in formation of mixed micelles 
are responsible when high equilibrium solubility of soap scum is observed. Under 
these conditions used, the rate of soap scum dissolution is rate limited by an 










Mixed surfactants have been widely used due to their cost-saving and 
synergistic properties. One of the benefits resulting from this synergism is the ability 
of mixed surfactants to reduce the equilibrium extent of and rate of precipitation. The 
overall time required for calcium-induced precipitation of mixed sodium dodecyl 
sulfate (SDS) and sodium octylbenzene sulfonate (SOBS) over a particular range of 
ratios has been found to increase dramatically when compared to single pure 
components. In this study, light transmission and isoperibol calorimetry were used to 
measure the delay in the precipitation reaction. Scanning electron and optical 
micrographs of crystals formed give insight into the mechanism of synergism of 
mixtures. The smaller the difference in the supersaturation ratio of the two 
precipitating surfactants, the longer the induction time is. The delay in the extent of 
precipitation is due to the interruption of crystal formation from dissimilar 
precipitating surfactants and the reduction in the supersaturation when mixtures of 





2.1 INTRODUCTION  
 
 Precipitation of anionic surfactants can be detrimental in several applications 
including surfactant-based separation processes, enhanced oil recovery, and 
detergency. Anionic surfactants tend to precipitate with cations such as Na+, Ca2+, and 
Mg2+ and other positively charged molecules such as cationic surfactants and 
polymers. Single anionic surfactants are generally found to precipitate with calcium 
within minutes [1-3]. The surface activity of the surfactants is reduced when 
precipitation of the surfactant occurs and the surfactant is removed from solution. 
Builders are often used in formulating detergents in order to avoid precipitation of 
surfactants with metal ions [4]. There are extensive studies on equilibrium 
precipitation in single anionic surfactants precipitating with monovalent and divalent 
ions and with cationic surfactants [5-27]. It is well known that mixtures of surfactants 
(anionic or anionic/cationic surfactant mixtures) inhibit their tendency to precipitate 
at equilibrium as characterized by decreasing Krafft temperatures, increasing 
hardness tolerance, and shrinking precipitation phase boundary concentration regimes 
as reviewed in detail by Scamehorn and Harwell [28].  
Kinetics studies of precipitation in surfactant systems have received little 
attention in the scientific literature. This could be due to the difficulty in quantifying 
the rate of precipitation, especially in systems with complex surfactant mixtures. 
Clarke et al. first studied the effect of micelle formation related to the kinetics of 
precipitation of calcium dodecyl sulfate by stopped-flow spectrophotometry [1]. Lee 
and Robb followed the kinetics of precipitation of calcium dodecyl and tetradecyl 
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sulfate by stopped-flow spectrophotometry and conductance and were able to 
calculate the degree of reaction and chronomal analysis by using the Mie theory of 
light scattering. The precipitation rates from each method were in a good agreement. 
However, the analysis underestimated the precipitate mass due to several 
approximations involved [2]. Lee and Robb [29] showed that polymeric additives 
interact with precipitating species but were shown to have no specific effect on the 
rate of precipitation of surfactants, while nonionic surfactant affects mixed micelle 
formation and delays the precipitation reaction. Shifting of the precipitation phase 
boundary of alkylbenzenesulfonate surfactant and calcium ion as a function of time 
was observed by Peacock and Matijevic [10]. A calorimetric technique was 
developed to follow the rate of surfactant precipitation by measuring the heat 
dissipated from precipitation reaction in systems of single anionic surfactant and 
mixed anionic surfactant of sodium dodecyl sulfate (SDS) and sodium octylbenzene 
sulfonate (SOBS) precipitating with calcium chloride (CaCl2) by Rodriguez et al. [3, 
30, 31]. The delay in the precipitation reaction was found in this mixed anionic 
surfactant system at specific mole ratios of SDS to SOBS. Image analysis by atomic 
force microscope revealed the growth of one precipitating surfactant on another 
precipitating surfactant and the entrapment of nonprecipitating surfactant in the 
forming crystals to be key mechanisms in retarding the precipitation reaction [31].  
 The objectives of this work are to demonstrate the relationship between 
supersaturation ratio of each precipitating surfactant and precipitation induction time 
in a mixed surfactant solution and to further delineate how certain mole ratios of 
mixed anionic surfactants can delay the precipitation with calcium. In this work, the 
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induction time or the duration prior to the onset of precipitation was measured using 
calorimetry and light transmission techniques. Relationships between the induction 
times, and supersaturation ratios of each precipitating surfactants are discussed. The 
mechanisms that delay the precipitation reaction in these mixed surfactant systems 
were deduced from the kinetic data augmented by the image analysis done on the 
precipitate crystals by scanning electron microscopy (SEM) and optical microscopy 
techniques. The practical long-term goal of this research is development of guidelines 
for formulations with precipitation times exceeding processing times for applications 




2.2.1 Surfactant Precipitation  
Precipitation of surfactant occurs when the product of the thermodynamic 
activity of the precipitating surfactant and precipitating counterion satisfies the 
solubility product equation. Below the critical micelle concentration (CMC) or in the 
absence of micelles, the solubility product relationship for the precipitation of anionic 
surfactants (SDS or SOBS) with calcium ion can be described as,   
 
[ ] [ ] CaSunmonSP ffCaSK 222 +−=                   (2.1) 
 
where SPK  is the activity-based solubility product, [ ]monS −  is the concentration of the 
precipitating anionic surfactant (SDS or SOBS) in monomer form, and [ ]unCa +2  is the 
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unbound calcium ion concentration in the solution. Below the CMC, [ ]monS −  and 
[ ]unCa +2  are equal to the total concentrations of surfactant and calcium, respectively. 
Above the CMC, micelles form and there exists equilibrium between monomers and 
micelles and monomers and precipitates, if precipitation occurs. Dissolved calcium 
ions can stay unbound or bind to the micelles. The activities coefficients ( f i)  of the 
surfactant and calcium, Sf  and Caf , respectively, are calculated using an extended 
Debye-Huckel expression [32], 
 




0.5 − 0.3I                  (2.2) 
 
where A  and B  are constants depending on the solvent and temperature of the 
solution. At 30 oC, the values of A and B for water are 0.5139 and 0.3297 x 108, 
respectively [33]. The ion valence, iz , for both SDS and SOBS is equal to -1. For 
calcium, iz  is equal to +2. An empirical value, ia , based on the diameter of the ion, is 
6 x 10-8 cm-1 for calcium [10] and the ia  values of SDS and SOBS are approximated 
at 7 x 10-8 cm-1 [23, 33, 34]. Ionic strength, I , can be calculated from the following 
equation, 
 
I = 0.5ci zi( )




where iC  is the total concentration of ion i in the solution and iz  is the valence of ion 
i, [SDS] is the total concentration of SDS, [SOBS] is the total concentration of SOBS, 
and [CaCl2] is the total concentration of CaCl2 in the solution, i.e. the parameters 
used, all concentration are in molar units (M). 
Above the CMC, Eqs. 2.2 and 2.3 to calculate activity coefficient though the 
micellized anionic surfactant and bound calcium do not contribute as much to ionic 
strength as monomer surfactant and unbound calcium. However, accounting for the 
micelle shielding factors is extremely complex and the data to do so is unavailable for 
all but a very few systems [35].  So, Eqs. 2.2 and 2.3 are generally used above and 
below the CMC for lack of a better approach [23] and can be considered a convention 
in the surfactant field. 
 
2.2.2 Calculation of Supersaturation Ratio  
A supersaturation ratio )( oS  is defined as the ratio of excess concentration of 
the reactants (monomeric surfactant and unbound calcium) to the equivalent 
equilibrium product of reactant concentrations or the solubility product to the power 
of the inverse of the sum of the stoichiometric coefficients of the reactants [36], 
 
So =














ffCaS                   (2.4) 
 
The value of the supersaturation ratio is low when the initial surfactant or 
calcium concentration is increasingly close to the phase boundary. The solution 
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composition is in equilibrium with the precipitate when the supersaturation ratio is 
equal to 1. Since the driving force for the precipitation reaction increases with 
increasing supersaturation ratio, the higher S0 is, the faster the rate of precipitation is 
in general.  
In a mixed surfactant solution system, the supersaturation ratio of each 
precipitating surfactant can be calculated independently. Above the mixed CMC, 
mixed micelles are in equilibrium with monomers of each individual surfactant. 
Equilibrium monomer concentrations of single surfactants in the presence of both 
monovalent and multivalent counterions can be found from a model developed by 
Stellner and Scamehorn [23, 24]. To calculate the supersaturation ratio, firstly, the 
monomer concentration of each surfactant in the mixed surfactant solution was 
determined [23, 24] by assuming ideal mixing in the micelle for the similarly 
structured SDS and SOBS. The so-called simplified model is used in this study to 
predict single component monomer concentrations needed with ideal solution theory 
rather than the generalized model [23, 24] due to its simplicity and ease of use. The 
generalized model requires (generally unavailable) additional parameters to account 
for the effects of Ca2+ concentration on mixed micelle formation. The simplified 
model yields the surfactant monomer-micelle concentration and the fraction of bound 
and unbound Ca2+. However, the simplified model ignores the effect of Ca2+ on the 
single anionic surfactant CMC values. The calcium causes a reduction in the CMC 
and a reduced concentration of surfactant monomer. The supersaturation ratio 
calculated based on the simplified model would be larger than the supersaturation 
ratio calculated based on the generalized model. The impact of the Ca2+ in lowering 
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the monomer concentration is assumed to be the same for both SDS and SOBS, so the 
relative difference in the supersaturation ratio of each surfactant calculated based on 
the two models would be comparable. The assumption made here is sensible since 
both surfactants have similar structure with the same valency and the depression of 





Sodium dodecyl sulfate (SDS) (99+% purity), obtained from Fisher Scientific 
(Fair Lawn, NJ), was further purified by recrystallization from water and then from 
methanol, followed by drying under a vacuum at 30 oC. The 4-octyl benzenesulfonic 
acid, sodium salt (SOBS) (97%), obtained from Aldrich, was purified by 
recrystallization from methanol and then from water, followed by drying under a 
vacuum at 30 oC. The ACS grade calcium chloride (CaCl2) was from Acros (NJ) and 
it was used as received. Double deionized water was used in all experiments. 
 
2.3.2 Methods 
2.3.2.1. Measurement of Induction Time by Calorimetry 
The precipitation induction time was measured using an isoperibol 
calorimetric technique, which utilizes the temperature change due to the heat released 
from the exothermic precipitation reaction. The schematic diagram of the apparatus is 
shown in Fig. 2.1. A Tronac (Oreon, UT) model 458/558 calorimeter was used in an 
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isoperibol mode to measure the heat of reaction as a function of time. The isoperibol 
calorimeter operates in nearly an adiabatic mode. The temperature of the water bath 
was maintained at 30oC ±  0.025 oC using a Tronac PTC-41 temperature controller. 
The procedure was modified from a method developed by Rodriguez et al. [30]. 
Approximately 48 g of surfactant solution was placed in the reaction vessel, which 
was then equilibrated to the temperature of the water bath. Approximately 2 g of a 
0.25 M calcium chloride (CaCl2) solution in a syringe was also equilibrated to the 
temperature of the water bath. The injection of the CaCl2 solution was done quickly 
to allow instantaneous mixing of the reactants by a stirrer inside the reaction vessel. 
The temperature rise data in a temperature-time profile could be used to indicate the 
onset and the rate of precipitation.  
 
2.3.2.2 Measurement of Induction Time by Turbidity  
In the calorimetric technique, there is a substantial amount of heat loss in the 
system if the reaction runs for a long period of time, which cannot be accurately 
accounted for. Hence, turbidity was also used for slow reactions. A device that can 
measure the transmitted light through the solution was designed to detect the onset of 
precipitation in the system studied here as shown in Fig. 2.2. The device is composed 
of a a green light emitting diode (LED) with a DC power supply (HP E3612A) and a 
photo resistive, cadmium sulfide (CdS) type light detector, which has a variable 
resistance according to the amount of light it receives; resistance is high in darkness 
and low when illuminated. The resistance signal was measured by a digital 
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multimeter (METEX M3850D) interfaced with a computer and the signal was 





















τ                    (2.5) 
 
where τ  is the turbidity, with units of inverse length, L is the light path length, 0I is 
the light intensity detected for the isotropic solution, I is the light intensity measured 
by means of the voltage (V ) drop of the phototransistor and 0V  is the voltage drop of 
the phototransistor corresponding to 0I . Since the resistance was actually measured 
in this experiment and RV ∝ , where R  is the resistance measured by the multimeter, 











⎟                           (2.6) 
 
where 0R is the resistance corresponding to 0I . 
The onset of the precipitation can be detected by a sharp increase in the 
resistance due to the turbidity as the precipitate forms. The solution was stirred at a 
constant rate to ensure homogeneous mixing. The temperature of solution was 
controlled at 30 oC by circulating water from a temperature-controlled water bath into 
a jacket outside the test tube cell. Prior to mixing solutions of surfactants and CaCl2, 
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both solutions were equilibrated at 30 oC. A 1-mL solution of CaCl2 was injected into 
the test tube containing 24-mL of surfactant solution with constant mixing.  
 
2.4 RESULTS AND DISCUSSION 
 
2.4.1 Onset of Precipitation and Induction Time   
The induction time is defined as the duration of time prior to the onset of 
precipitation, which can be detected by the first sharp increase in the heat dissipated 
in the calorimetric method and the value of turbidity in the turbidity method. All 
experiments were at 30 oC. The induction time deduced from the calorimetry and the 
turbidity measurements are summarized in Fig. 2.3 for a system with a total surfactant 
concentration of 0.0192 M with 0.01 M CaCl2. The two methods gave comparable 
results. The turbidity method is easier and faster to set up than calorimetry, but the 
turbidity alone, as set up here, cannot be used to quantify the amount of precipitates. 
However, since the onset of precipitation and induction time are the main focuses of 
this works, most results presented here are from the turbidity method. 
A drastic change of temperature and turbidity was observed in the solutions 
that precipitate almost instantaneously such as the precipitation of pure anionic 
surfactants with Ca2+. For example, as can be seen in Fig. 2.3, the induction time of 
pure SDS or SOBS system is very short compared that at a SDS mole fraction around 
0.6. A similar trend was also observed by Rodriguez and Scamehorn for the same 
system at the same conditions using calorimetry where the slowest precipitation was 
observed at a SDS mole fraction of 0.6 [30]. In that work, only gross composition 
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effects were investigated (SDS mole fractions of 0, 0.2, 0.4, 0.6, 0.8, and 1.0). In this 
investigation, a much finer grid is used to probe behavior around this 0.6 SDS mole 
fraction where the remarkable synergism was observed. From Fig. 2.3, the longest 
induction is observed at an SDS mole fraction of 0.63 and substantial longest 
induction time is observed over a very narrow range of compositions (SDS mole 
fraction range of about 0.1 or only about 10% of the total composition range).  
Figure 2.4 shows the induction time from Fig. 2.3 and that at two higher total 
surfactant concentrations of 0.0288 and 0.0384 M all with 0.01 M CaCl2. The SDS 
mole fraction corresponding to the maximum induction time increases with increasing 
total surfactant concentration, occurring at 0.66 and 0.70 for the two higher 
concentrations in Fig. 2.4. The maximum observed induction time is also highly 
concentration dependent, increasing from 8 minutes for the lowest total surfactant 
concentration to 50 minutes and 80 minutes with increasing concentration. Although 
not very accurately determined, the range of SDS mole fractions over which 
synergism in induction time is observed appears to be about the same for the different 
concentrations. All these concentrations used are above the CMC. 
 
2.4.2 Relation of the Onset of Precipitation to the Difference in Supersaturation 
Ratios 
The supersaturation ratio of each precipitating surfactant was calculated from 
Eq. 2.4 and given in Tables 2.1-2.3 and Fig. 2.5. As shown in Figs. 2.6-2.9, the 
induction time and the absolute value of the difference in the supersaturation ratio of 
SDS and SOBS are shown for the three total surfactant concentrations studied. 
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From Figs. 2.6-2.8, it is remarkable how closely the surfactant composition at 
the maximum induction time corresponds to the minimum absolute value of the 
difference in supersaturation values for the two surfactants. There is little dependence 
of induction time on the actual values of So for each surfactant shown in Fig. 2.5, but 
their relative So is crucial. Figure 2.9 shows this |So of SDS - So of SOBS| for the 
three systems and the magnitude for different total surfactant concentrations is quite 
similar (as are the actual values of So in Fig. 2.5), even though the maximum 
induction time is quite different for the three systems.  
In general, the higher the supersaturation ratio, the higher the rate of 
precipitation [39]. If the supersaturation ratios of both surfactants in the mixed 
anionic surfactants solution are about the same, one might infer that each 
precipitating surfactant would start to precipitate out at the same time. The growing 
crystals can interrupt each other’s growth while crystallizing using the dissimilar 
crystal as a nucleation site, interrupting the growth of the crystal of surfactant A, then 
precipitating A interrupting B, and so on, delaying creation of enough crystal to be 
detected. This might be valid only when the two precipitating surfactants have a 
similar rate of precipitation at the same supersaturation ratio. Rates of precipitation 
and induction time of pure calcium dodecyl sulfate (Ca(DS)2) and calcium octyl 
benzenesulfonate (Ca(OBS)2) at the same supersaturation ratio are only slightly 
different [30].  
Figure 2.10 shows the turbidity as a function of time plotted for the 
precipitation of 0.0288 M of total surfactant at different SDS mole fractions 
precipitating with 0.01 M of CaCl2. There appear to be two times at which onset of 
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precipitation occurs found at a mole fraction of SDS of 0.6, indicating there is one 
surfactant precipitating out first and followed by the second surfactant. On the other 
hand, at the mole fraction of SDS of 0.63 and 0.66, there is only one single step of 
precipitation observed and these ratios give longer induction time than at a SDS mole 
fraction of 0.6. It could be implied that at these ratios, in which the difference in the 
supersaturation ratio is at or close to minimum, the two precipitating surfactants start 
to precipitate at almost the same time so there appears to be a one-step change in the 
turbidity. Rodriguez et al. [31] also observed this two-step precipitation under some 
conditions. 
The image analysis of crystals resulting from precipitation under different 
conditions was carried out using scanning electron microscopy (SEM) and optical 
microscopy. All the images taken in this study were taken after precipitation reaction 
began about 1 week unless otherwise stated. Figures 2.11-2.13 show the SEM 
micrographs of crystals precipitated from 0.0192 M of SDS, of SOBS, and of a mixed 
SDS/SOBS at a 60/40 mole ratio, respectively, with 0.01 M CaCl2. Figure 2.14 shows 
the optical images of the crystal formed from supersaturated solutions of 0.0096 M of 
SDS, of SOBS, and of a mixed SDS/SOBS at a 60/40 mole ratio with 0.0038 M 
CaCl2. The optical images of precipitates shown in Fig. 2.14 were taken at 5 minutes 
and 1 week after the precipitation reaction began. The Ca(DS)2 crystals appear to 
have a different shape and size than the Ca(OBS)2 crystals.  The Ca(OBS)2 crystals 
appear to have a more defined shape and have sharper, more jagged edges with an 
elongated flat crystals structure. The crystals precipitated from a mixed solution with 
a 0.0192 M total surfactant concentration of a 60/40 mole ratios of SDS to SOBS 
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have separate crystals characteristics of either Ca(DS)2 or Ca(OBS)2. The crystals 
from the mixed solutions are lumped together, not clearly separate from each other as 
the crystals formed in the pure solution of SDS and SOBS. It is also obvious that the 
Ca(OBS)2 crystal structure precipitated from the mixed solution are not as well 
defined as the crystal from a pure SOBS solution. The 1-week optical images shown 
in Fig. 2.14 reveal similar characteristics of crystals as shown by the SEM images in 
Figs. 2.11-2.13. For the Ca(DS)2 crystals from a pure surfactant solution taken at an 
early stage of  crystal formation (5 minute after the precipitation detection), appear 
not to change over 1 week of ripening. In contrast, the Ca(OBS)2 crystals from a pure 
surfactant solution at 5 minutes and 1 week after the precipitation detection are much 
different in size and shape, indicating how slow the precipitate of Ca(OBS)2 take to 
fully develop or ripen into a well-defined structure. It appears that the crystals formed 
in mixed solutions develop into a well-defined structure slower than crystals formed 
in single surfactant solutions. After one week, there are mixed crystals of regular and 
irregular shapes in the precipitation system of mixed surfactant solutions. The AFM 
images of precipitates formed in a pure SDS, pure SOBS and mixed SDS/SOBS were 
reported by Rodriguez et al. [31] and the distinct characteristics of a crystal formed 
from a mixed SDS/SOBS were observed. Jagged edges of one crystal growing 
outwardly on the surface of a dissimilar crystal and the formation of holes are the 
features that were not observed in the AFM images of precipitates formed from either 
pure SDS or pure SOBS.  
The optical, SEM and AFM results can help explain the greatest delay in 
precipitation corresponding to the minimum absolute value of the difference in the 
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supersaturation ratios of each precipitating surfactant. The non-well defined crystal 
habits found in the precipitates formed in a mixed solution is possibly due to the 
interruption of one crystal growing onto another forming crystal. The crystals 
precipitating from mixed surfactant solutions have different crystal habits from the 
pure crystals also observed by Rodriguez et al.  Figure 2.15 shows the XRD patterns 
of Ca2+ precipitating with SDS (top), SOBS (middle) and mixed SDS-SOBS 
(bottom). As can be seen from this figure, the d-spacing of Ca(DS)2  and Ca(OBS)2 
from pure solutions is different, indicating different lattice structure. The XRD 
patterns of crystals from mixed solution contain both of these crystal patterns from 
pure SDS and pure SOBS. This suggests that mixed solid crystal is not precipitating, 
but each of the individual surfactants is separately forming precipitate. 
The adsorbing surfactant, which is different from that forming crystals, does 
not form mixed crystals, but adsorbed surfactant aggregates can cover the surface of a 
growing crystal, interrupting growth of one crystal and resulting in uneven edges 
observed in SEM micrographs and AFM images of crystals formed from a mixed 
surfactant solution. Crystals of both surfactants eventually separate out as can be seen 
in Fig. 2.13a. Possible reason for hole formation in precipitate from mixed surfactant 
systems observed in AFM studies is the entrapment of nonprecipitating surfactant in 
the forming crystal. It is not known how hole formation in precipitating crystals 
correlate to surfactant supersaturation ratios. 
In conclusion, at the ratio where the supersaturation ratios of both 
precipitating surfactants are almost equal, precipitates start to form at the same time. 
Each precipitating surfactant tends to interact towards each other in several ways. 
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They might prefer to use other crystals as a seed for a heterogeneous nucleation, 
interrupting the crystal growth process or they may adsorb on dissimilar crystals or 
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Table 2.1 Summary of the induction time, So for SDS and SOBS, and |So of SDS-So 
of SOBS| for total surfactant concentration = 0.0192 M 
 
Mole fraction of SDS in 
SDS-SOBS mixture 
So of SDS So of SOBS |So of SDS-So of SOBS| Induction time (min) 
0.2 2.16 6.40 4.24 < 1 
0.5 3.54 4.95 1.41 < 1 
0.6 3.92 4.20 0.28 5 
0.63 4.03 3.98 0.05 9 
0.65 4.10 3.82 0.28 8 
0.7 4.27 3.43 0.84 5 
















Table 2.2 Summary of the induction time, So for SDS and SOBS, and |So of SDS-So 
of SOBS| for total surfactant concentration = 0.0288 M 
 
Mole fraction of SDS in 
SDS-SOBS mixture 
So of SDS So of SOBS |So of SDS-So of SOBS| Induction time (min) 
0.5 2.74 4.32 1.58 < 1 
0.6 3.06 3.69 0.63 19 
0.63 3.15 3.49 0.34 27 
0.66 3.24 3.29 0.05 51 
0.67 3.27 3.22 0.04 43 
0.68 3.29 3.15 0.14 3 
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Table 2.3 Summary of the induction time, So for SDS and SOBS, and |So of SDS-So 
of SOBS| for total surfactant concentration = 0.0384 M 
 
Mole fraction of SDS in 
SDS-SOBS mixture 
So of SDS So of SOBS |So of SDS-So of SOBS| Induction time (min) 
0.5 2.23 3.73 1.50 2 
0.6 2.49 3.19 0.70 22 
0.65 2.62 2.91 0.29 33 
0.70 2.74 2.61 0.13 80 
0.72 2.79 2.49 0.30 43 
0.75 2.86 2.30 0.56 4 






Fig.  2.1 Schematic diagram of the isoperibol calorimeter instrumentation 










Fig. 2.2 Schematic diagram of turbidity meter used for surfactant precipitation 
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Fig. 2.3 Comparison of induction time from calorimetric and turbidity methods with a 
total surfactant concentration of 0.0192 M at different SDS mole fractions with SOBS 
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Fig. 2.4 Induction time of precipitation reaction in mixed SDS/SOBS solutions and 
















































































Fig. 2.6 Comparison of induction time and difference in supersaturation ratios of SDS 
and SOBS in the precipitation of a total surfactant concentration of 0.0192 M at 






































Fig. 2.7 Comparison of induction time and difference in supersaturation ratios of SDS 
and SOBS in the precipitation of a total surfactant concentration of 0.0288 M at 






































Fig. 2.8 Comparison of induction time and difference in supersaturation ratios of SDS 
and SOBS in the precipitation of a total surfactant concentration of 0.0384 M at  
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Fig. 2.9 The difference in the supersaturation ratios in the precipitation system of 




























Fig. 2.10 Turbidity measurement of precipitation of mixed varying mole ratios of 
















                                              
 
 
                                                                  




Fig. 2.11 SEM micrograph of crystal precipitated from a 0.0192 M SDS solution with 


























Fig. 2.12 SEM micrograph of crystal precipitated from a 0.0192 M SOBS solution 


























Fig. 2.13 SEM micrograph of crystal precipitated from a solution with a total 
surfactant concentration of 0.0192 M at SDS mole fraction of 0.60 with SOBS and 











Fig. 2.14 Optical images of crystal precipitated from a solution with a total surfactant 











SDS/SOBS = 100/0 SDS/SOBS = 60/40 SDS/SOBS = 40/60 SDS/SOBS = 0/100 
(a) 5-minute after precipitation detected 
(b) 1-week after precipitation detected 
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Fig. 2.15 X-ray diffraction patterns of crystals from pure and mixed solution of SDS 
and SOBS at total surfactant concentration of 0.0192 M with 0.01 M CaCl2 
 
Ca(DS)2 from pure 
SDS and CaCl2 
Ca(OBS)2 from 

























Interaction Between an Anionic and an Amphoteric Surfactant. 
Part I. Monomer-Micelle Equilibrium 
 
 
A mixture of anionic and amphoteric surfactants is composed of three 
components at intermediate pH levels: anionic, cationic (protonated amphoteric), and 
zwitterionic (unprotonated amphoteric). Knowledge of the composition of each 
surfactant in both monomer and micellar forms (monomer-micelle equilibrium) is 
important in applications using this mixture. Hydrogen ion titration of the mixed 
surfactant solution as a function of surfactant composition is combined with the 
pseudophase separation model and regular solution theory for the three-surfactant 
mixture to calculate the concentration of each surfactant in monomer and in micelle 
forms at different pH levels. The specific system studied here is sodium dodecyl 
sulfate (SDS) and dimethyldodecylamine oxide (DDAO), which are normally used in 
a wide range of consumer products. The degree of protonation of monomeric DDAO 
is not affected by the presence of SDS, indicating an insignificant formation of ion 
pairs between these monomers. However, the presence of SDS in micelles shifts the 
micellar pKa of DDAO protonation significantly and the method used here allows the 
quantification of partial fugacities of each individual surfactant in micelle form. The 
composition in the monomer phase at each pH will aid in understanding and 
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predicting solution compositions corresponding to anionic/amphoteric surfactant 




In consumer product applications, surfactant mixtures are often used to obtain 
various specific beneficial properties simultaneously and to gain general benefits 
from synergistic effects. Mixtures of amphoteric and anionic surfactants are often 
used in shampoo, hand-dishwash, and other liquid formulations. Anionic surfactants 
are well known for cleaning properties, while amphoteric surfactants are often used 
for skin mildness and good foam properties [1, 2]. However, precipitation can be 
extremely detrimental to system performance if surfactants used have oppositely 
charged headgroups. Since precipitation is driven by monomer concentrations (i.e., 
thermodynamic activities) of each surfactant forming the precipitate, the activities of 
each surfactant must be known in order to determine whether precipitation occurs or 
not.  
A mixture of amphoteric surfactant dimethyldodecylamine oxide (DDAO) and 
anionic surfactant sodium dodecyl sulfate (SDS) is studied here. Amphoteric 
surfactants may possess both positive and negative charges on its head group and the 
net charge is pH sensitive [1, 2]. The amine oxide surfactant exhibits properties of 
cationics at low pH values and zwitterionics at high pH values since it is protonated 
by hydrogen ions in a similar manner to weak acids. So the mixture of these two 
surfactants is essentially a ternary system containing anionic surfactant, cationic 
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surfactant (protonated amphoteric), and nonionic or zwitterionic surfactant 
(unprotonated amphoteric), resulting in synergism in micelle formation and depressed 
CMCs (relative to surfactants which form ideal mixed micelles).  
Solution properties of the amine oxide surfactant have been shown to vary 
with pH and electrolyte concentration and type [3-8]. Rathman and Christian 
developed a method to determine monomer and micelle compositions of the amine 
oxide surfactant at various pH values and concentrations by a hydrogen ion titration 
method under a swamping electrolyte condition combined with use of the Gibbs-
Duhem equation for analysis of the micellar phase activities [9]. Zimmerman and 
Schnaare extended this method for a non swamping electrolyte system by accounting 
for CMC changes due to counterions during hydrogen ion titration [10]. Both 
methods utilize regular solution theory (RST) to model the micellization of the 
amphoteric surfactant. Other models with different approaches have been developed 
to describe the micellization behavior of pH-sensitive surfactant, but these models are 
less convenient to use than RST [11-16].  
The solution properties of amine oxide surfactants are also affected by the 
presence of other surfactants [17-25]. The absolute value of the surface potential of 
mixed micelles can increase when anionic surfactants are added to amine oxide [26]. 
A pseudophase approximation with the RST approach to model the hydrogen-ion  
titration of mixed micelles containing a pH-sensitive surfactant and any number of 
pH-insensitive surfactants has been developed and compared with experimental 
titration data of a pH-sensitive surfactant with cationic or nonionic surfactants [25].  
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In this research work, the thermodynamic activities of each surfactant at 
different pH levels are obtained by a hydrogen ion titration method combined with 
application of the pseudophase separation model and regular solution theory to 
describe mixed micellar thermodynamics for the three-surfactant mixture. A mixture 
of DDAO and SDS at intermediate pH is composed of three components (anionic, 
cationic, and zwitterionic), which are in different fractions at different solution pH 
values. The regular solution approximation is generally used to evaluate the 
synergism in multicomponent surfactant systems. We also address whether a soluble 
ion-pair between the SDS and protonated DDAO is present in significant 
concentrations that would affect the apparent pKa of DDAO or protonation of DDAO 
in monomer form.  
In Part II of this series [27], we utilize the model developed here to predict 





 Dimethyldodecylamine oxide (DDAO) is an amphoteric surfactant that can 
exist in the form of cationic or zwitterionic surfactant depending on solution pH. The 
amine group of DDAO surfactant can protonate in a similar manner to weak acids. 
Equilibrium of amine oxide protonation can be described by a dissociation 
constant, aK ; 
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where +Ha , 
m
aa 0 , and 
m
aa +  are the activities of the hydrogen ion, the zwitterionic amine 
oxide (DDAO0), and the protonated amine oxide (DDAO+) monomers, respectively. 
At the very low concentration at which monomer is present (< 10 mM), the monomer 
is assumed to behave as an ideal dilute solution following Henry’s Law. In this work, 
we always have swamping electrolyte present, so ionic strength is approximately 
constant. This means that the added salt (NaCl) concentration is much higher than 
ionic surfactant and acid or base concentration. The extended Debye-Huckel equation 












||5139.0log 2γ   (3.2) 
 
where ±γ  is the average activity coefficient of ionic surfactants given by the Debye-
Huckel equation [28]; ii is the valency number of the charged surfactant. The ionic 
strength, I, is calculated as follow;  
 
( )∑= 25.0 ii iCI     (3.3) 
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where iC  is the molar concentration of charged ions and the sum is overall charged 
species in solution. 
For the two charged surfactants, where i  is either +a  for protonated DDAO or 









if is the partial fugacity of surfactant i  in the monomer phase; iH  is the 
Henry’s law constant; miC  is the monomer concentration of surfactant i. When a 
hypothetical unit molarity solution (no added electrolyte) is chosen as the standard 




i =     (3.5) 
 
where moif
. is a standard state fugacity of surfactant i  in the monomer phase. By 








a ,=      (3.6)   
 






i Ca ±= γ      (3.7) 
 
For hydrogen ion, the partial fugacity of H+, +Hf , is defined as: 
 
+++ ±= HHH CHf γ     (3.8) 
 
where +HH  and +HC are the Henry’s law constant and hydrogen ion concentration in 
the solution. Hydrogen ion in the solution is also treated as an ideal dilute solution 
and its standard state is a hypothetical unit molarity with no added electrolyte. The 
standard state fugacity of H+, o
H






=     (3.9) 
 









+ =      (3.10) 
 
By combining Eqs. 3.8-3.10,  
 
++ ±= HH Ca γ      (3.11) 
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For the uncharged amine oxide surfactant, DDAO0, the partial fugacity of 
DDAO0 in monomer, 
m





a CHf 000 =      (3.12) 
 
where 0aH  and 
m
a
C 0  are the Henry’s law constant and DDAO0 concentration in the 
monomer phase. The activity coefficient of DDAO0 is equal to 1 according to Eq. 3.2. 
With a hypothetical unit molarity solution as a standard state, the standard state 
fugacity of DDAO0 in monomer, mo
af
,





=      (3.13) 
 










0 =      (3.14) 
 
By combining Eqs. 3.12-3.14, 
 
m
aa Ca 00 =      (3.15) 
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Substituting activities of DDAO+, H+, and DDAO0 from Eqs. 3.7, 3.11, and 3.15 into 

















C + is DDAO+ concentration in the monomer phase. Since activity 
coefficients described by the Debye-Huckel equation are constant due to swamping 
electrolyte, they cancel out so they don’t appear in Eq. 3.16. One could have defined 
standard states to avoid the Debye-Huckel correction factor. But in Part II of this 
series [27], we use the solubility product, SPK , and unlike aK , its value would depend 
on standard states, so we use the classically defined ones here so the numerical value 
of SPK  will have the same basis as is common in the literature.  
The mole fraction of the amine oxide monomer that is protonated is defined 















+                      (3.17) 
 












log          (3.18) 
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The dissociation constant, Ka, is theoretically a true thermodynamic 
equilibrium constant so it is independent of the total surfactant concentration and pH. 
Any deviation of the observed pKa from the thermodynamic pKa of amine oxide 
surfactant solution below the CMC can indicate a significant formation of soluble 
premicellar aggregates (e.g., DDAO/SDS complexes) as observed with a titration of 
fatty acid at premicellar concentrations [29].  
 At higher concentration where micelles are present, the dissociation constant 
of the DDAO in the micelle, pKaM, can be quantified once the composition of DDAO 
in both protonated and unprotonated forms is known. The calculation of pKaM  in Eq. 












log       (3.19) 
 
where +ax is the mole fraction of DDAO
+ to total DDAO (DDAO-only) in the 



















C +  and MaC 0 are the concentration of DDAO
+ and DDAO0 in the micellar 
phase, respectively. 
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 The use of the pKaM term has been criticized as not being a true 
thermodynamic constant because it varies with the degree of protonation in the 
micelle [9]. However, we find the pKaM to be useful as it indicates how the micellar 
environment affects the protonation of DDAO compared to that in the monomer [11, 
25, 30, 31].  
In a solution of an amphoteric surfactant, Rathman and Christian [9] have 
successfully applied the pseudophase separation model and the integrated form of the 
Gibbs-Duhem equation written for the surfactant components in the micelle 
pseudophase along with acid/base titration data to calculate the activities of the two 
amphoteric surfactant species at concentrations above the CMC. Results from an 
alternative calculation technique applying the pseudophase separation model and 
regular solution theory (RST) to describe nonideality in mixed micelle formation 
gave similar results as the use of the pseudophase separation model Gibbs-Duhem 
equation in the titration-based method. 
Use of the Gibbs-Duhem equation to determine DDAO activities as applied 
by Rathman et al. [9] in the binary system does not give apparently useful relations 
for ternary systems as in the current study when SDS is present along with DDAO. 
So, for more than two surfactant components, it is necessary to assume the validity of 
a solution thermodynamic model such as RST to describe formation of mixed 
micelles. 
The pseudophase separation model and RST to be applied to the mixed 
amphoteric-anionic surfactant system is described here. Above the CMC, there is an 
equilibrium of the surfactant between monomer and micelle forms. The degree of 
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protonation in the DDAO monomer can be different from that in the micelle. The 

















































adstds CXCCCCCXCCCYCZ *)()(* 00 +=−−−+++= ++    (3.23)    
              
so that 10 =++ +aads ZZZ             (3.24) 
 
where tC  is the total surfactant concentration; +aZ , 0aZ , and dsZ are the mole fraction 
of DDAO+, DDAO0, and SDS in the solution (includes both monomer and micelle 
forms); +aY , 0aY , and dsY  are the mole fraction of DDAO
+, DDAO0, and SDS, 
respectively, in monomer form; +aX , 0aX , and dsX  are the micellar mole fraction of  
DDAO+, DDAO0, and SDS; respectively. mdsC  is the monomer concentration of SDS; 
Cmic is the total micellar surfactant concentration. Note that capitalized iY  and iX  are 
mole fractions of monomers and micelles (surfactant-only basis) including all three 
surfactants which might be present. Lower case iy  and ix  are surfactant-only 
monomer and micelle mole fractions based only on DDAO0 and DDAO+ only since 
these are used to obtain pKa and pKaM in Eqs. 3.18 and 3.19. 
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The pseudophase separation model treats micelles as a separate 
thermodynamic phase that is in equilibrium with monomer in analogy to liquid in 
vapor-liquid equilibrium. Hence, the partial fugacities of each surfactant component 





i ff =                         (3.25) 
 
where Mif  is the partial fugacity of surfactant i in the micelle pseudophase.  
According to Eq. 3.4, Henry’s law is applied to the monomer phase and so the 
partial fugacity is proportional to the surfactant monomer concentration with the 
activity coefficient described by the Debye-Huckel equation. For charged surfactant, 






i CMCYCf Η=Η= ±± γγ         (3.26) 
 
where mCMC is the mixed CMC at the mixture electrolyte concentration. 













, is a standard state fugacity of surfactant i in the micellar phase, and Miγ is 
the activity coefficient of surfactant i in the micelle. The standard state in the micellar 
phase is a pure surfactant i micelle at the same temperature and electrolyte 
concentration as the mixture is at. This standard state micelle is in equilibrium with 
surfactant i monomer at a concentration equal to CMCi (CMC of pure surfactant at the 
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 For uncharged surfactant, DDAO0, ±γ  is not valid. According to Eq. 3.12 the 
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fXf ,0000 γ=     (3.32) 
 
 The standard state of DDAO0 in the micellar phase is a pure DDAO0 micelle 
at the same temperature and electrolyte concentration as the mixture is at, which is in 
equilibrium with DDAO0 monomer at a concentration equal to CMC of pure DDAO0 
at the mixture electrolyte concentration ( 0aCMC ). The standard state fugacity of 
DDAO0, Mo
a
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 The monomeric concentration of SDS and DDAO+ can be written according 














CMCXC γ                                        (3.37) 
 
where +aCMC  and dsCMC  are the CMC values for the pure DDAO
+ and SDS (at the 
mixture electrolyte concentration), respectively; and Mdsγ , 
M
a0
γ , and M
a+
γ  are activities 
coefficients of SDS, DDAO0 and DDAO+ in the micelle, respectively; 
 For the non-ideal mixed micelle, the RST activities coefficients are the same 
as from the one-parameter Margules equation, where each pairwise interaction 
between surfactants i and j is described by an interaction parameter, ijβ . In our 
system where mixture of 3 surfactants is present, RST can be formulated using the 
interaction parameters introduced by Holland and Rubingh (1983) for 
multicomponent system [32]. 
 
( )( )00000 ****exp 22 aaaadsadsadsaadsaaMds XXXX +++++ −+++= βββββγ           (3.38) 
 
( )( )dsadsadsaaadsadsaaaMa XXXX oo ****exp 000 22 βββββγ −+++= +++++           (3.39) 
 






β , and 0aa+β  are binary molecular interaction parameters in the 
micellar phase for surfactant mixtures of DDAO+-SDS, DDAO0-SDS, and DDAO+-
DDAO0, respectively.  
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The binary molecular interaction parameters, ijβ , are obtained from 
experimental CMC data for each pure surfactant and for mixed surfactant solution. 
For the binary surfactant 1 and surfactant 2 systems, molecular interaction parameter 






























β                             (3.42) 
 
where 1X and 2X  are micellar mole fraction of surfactants 1 and 2;  α is the mole 
fraction of surfactant 1 in the total surfactant in the solution phase; 1CMC and 2CMC  
are CMC of pure surfactants 1 and 2 at the mixture electrolyte concentration; CMCm 
is the mixed CMC at a given value of α. 
The β parameter for DDAO+-DDAO0 can also be approximated from a 
titration of DDAO (in the absence of SDS) using the Gibbs-Duhem equation for 

















    (3.43) 
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where MK  is the intrinsic dissociation constant on the surface of the micelle. The 
0aa +
β parameter can be found from a slope of a plot of aMpK  vs. +ax . 
Experimental titration data for the ternary surfactant system yields the overall 
degree of protonation ( +az ) by applying the charge balance equation, 
 
[ ] [ ] [ ]HClH
KHCz Waa +=+ +
+
+ )(*             (3.44) 
 
where +az  is the mole fraction of DDAO
+ in solution (both monomer and micelle) in 
DDAO-only mole fraction; aC  is the total DDAO-only concentration; [H
+] is the 
parameter obtained from pH readings and [HCl] is the concentration of HCl  added as 
a titrant in the solution; Kw is the dissociation constant of water (about 10-14 at the 
temperature of study). The concentration of SDS is not included in the equation 
because the added sulfate does not significantly protonate.  Unlike Eq. 3.1, the weak 
acid dissociation constant calculated from +az obtained from Eq. 3.44 is the apparent 












log                                  (3.45) 
 
where apppK  is the apparent apK . 
If the CMC of each pure surfactant species, molecular interaction parameters 
in the micellar phase, and initial concentration of total DDAO and SDS are known, 
 61
the pH obtained from titration experiment along with the concentration change due to 
added titrant would yield mole fractions or concentrations of each species in both 
monomer and micelle forms by solving Eqs. 3.17, 3.18, 3.21-3.23, 3.35-3.40, and 
3.44 simultaneously. In part II of this series of papers [27], this information will be 
combined with solubility product relationships to generate precipitation phase 
diagrams for DDAO/SDS mixtures, the practical result which is the incentive behind 





Dimethyldodecylamine oxide (DDAO) was obtained from Sigma-Aldrich (St. 
Louis, MO) and used as received. Its purity is greater than 99 %. Sodium dodecyl 
sulfate (SDS) was obtained from Fisher Scientific (Fair Lawn, NJ) and was 
subsequently purified by recrystallization with water and ethanol. The NaCl and HCl 
were from Fisher Scientific (Fair Lawn, NJ) and were used as received. All the 
solutions were prepared by using deionized water. The pH was measured by using 
Accumet AR20 pH meter with an Orion combination pH electrode with Ag/AgCl 







3.3.2.1 Critical Micelle Concentration (CMC) 
CMC values were determined by using a Wilhelmy plate type tensiometer 
(Kruss). In all experiments, 0.15 M of NaCl was used as a swamping electrolyte to 
minimize changes in the ionic strength of the solution. All experiments were 
controlled at 30 oC by circulating water through the jacket of the sample holder for 
the tensiometer. 
 
3.3.2.2 Titration Experiment 
 All solutions for titration experiments also contained 0.15 M NaCl as a 
swamping electrolyte. Solutions were prepared and equilibrated at 30 oC and 
maintained at this temperature throughout the titration experiment. A known amount 
of HCl was added to the solution that was moderately stirred with dry nitrogen 
bubbled through the solution.  
 
3.4 RESULTS AND DISCUSSION 
 
3.4.1 Critical Micelle Concentration and Interaction Parameter 
CMC values of DDAO (SDS-free system) at various pH levels were obtained 
by titration of DDAO above the CMC with application of an integrated form of the 
Gibbs-Duhem equation [9] and by direct measurement using surface tensions below 
and above the CMC as shown in Table 3.1. The two methods yield similar CMC 
values. 
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At extremely low pH (pH 2-3), the DDAO is fully protonated (DDAO+), 
while at high pH (pH 10), it is zwitterionic (DDAO0). In the presence of 0.15 M 
NaCl, the CMC of the DDAO+ and the CMC of DDAO0 were found to be 1.3 and 1.2 
mM, respectively. Rathman et al. reported the CMC+ and CMC0 to be 2.0 and 1.9 
mM at 25 oC with 0.06 M of NaBr [9]. The values reported here are smaller because 
of the higher electrolyte concentration used (0.15 M NaCl).  
The CMC values of mixtures of DDAO and SDS at different ratios and pH 
values were also measured. The CMC of DDAO at intermediate pH is a mixed CMC 
of DDAO+ and DDAO0. At extreme pH, a mixture of DDAO and SDS would give a 
binary surfactant system rather than a ternary system. So, the CMC of mixed DDAO+ 
and SDS was measured at pH 3 to ensure all DDAO is fully protonated; while the 
CMC of mixed DDAO0 and SDS was measured at pH 9, at which all DDAO is in its 
zwitterionic form. Ratios of DDAO to SDS were chosen to give isotropic solutions 
(avoid precipitation) in the pH range studied here. The absence of precipitate was 
confirmed by the comparison to experimental precipitation phase boundaries [27] and 
also by direct visual observation. The CMC values of pure and binary surfactant 
systems were subsequently used in regular solution theory to calculate binary 
interaction parameters according to Eqs. 3.41 and 3.42. The CMC values of mixed 
DDAO and SDS at different pH are shown in Table 3.2 and the resulting ijβ  
parameters are shown in Table 3.3.  
 An increasingly negative β value indicates that the two surfactants have a 
stronger attractive interaction upon mixing. The smallest β in this solution system is 
found for the mixture of DDAO+ and DDAO0.  The 0aa+β obtained from the measured 
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CMC is -2.6, which has an absolute value slightly higher than the values reported in 
other studies [9, 10, 14, 25]. The 0aa+β derived from Eq. 3.43 gives the value of -2.0. 
In applying the latter method, the CMC of DDAO at intermediate pH levels is not 
needed.  




β ) are obtained by 
measuring the surface tension of mixed SDS and DDAO, pure SDS, and pure DDAO 
at different pHs. From experimental surface tension of mixed SDS and DDAO at high 
pH, 
dsa0
β  is -6.61, which is comparable to -7 as reported by Goloub et al. [34]. The 
values of β for SDS and other zwitterionic surfactants have varied from -2 to -14 [32, 
34, 35]. This could be due to the specific interaction between head groups of SDS and 
zwitterionic surfactants. The
dsa+
β was found in a similar manner to 
dsa0
β , but at low 
pH so DDAO was fully protonated. The absolute β value is highest in the mixed SDS 
and DDAO+ due to strong electrostatic attraction between anionic and cationic 
molecules. The anionic/cationic surfactant β of -12.8 is similar in magnitude to a β of 
-8.62 for an SDS/dodecylpyridinium chloride micelle also at a 0.15 M NaCl 
swamping electrolyte condition [36].  
 
3.4.2 Titration Below CMC 
For DDAO in the presence of 0.15 M NaCl and no SDS below its CMC, by 
combining the titration curve with a charge balance equation according to Eq. 3.44 
for the fraction of protonated DDAO, a least-squares regression on Eq. 3.18 yields the 
average pKa. The pKa reported here, shown in Fig. 3.1, was 4.9 and independent of 
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DDAO concentration, which is in good agreement with the values reported elsewhere 
[4, 5, 9, 17]. The concentration of cationic and zwitterionic DDAO at different pH 
values can be calculated from Eqs. 3.16-3.18 in the absence of SDS.  
Premicellar aggregates of DDAO and SDS may affect the protonation of 
DDAO. The concentration of DDAO was prepared at 0.001 M and varying 
concentration of SDS between 1x10-7 to 5x10-5 M with 0.15 M NaCl swamping 
electrolyte. These concentrations are below the CMC of the surfactant mixture so 
there are no micelles present at the conditions studied here. Data analysis from a 
titration experiment and calculation were carried out in a similar manner as discussed 
in the previous paragraph. Figure 3.2 shows that the pKa remains at around 4.9-5.0, 
suggesting that there is insignificant amount of premicellar aggregation between 
DDAO and SDS. The charge balance equation was used to calculate the composition 
of cationic and zwitterionic DDAO. So the presence of anionic surfactant at a 
concentration, such that micellization does not occur, does not affect the protonation 
behavior of DDAO surfactant considerably. 
It is shown in Fig. 3.3 that the titration curve does not notably deviate from 
the theoretical titration curve (pKa = 4.9), except at the very beginning and ending of 
the titration experiment. Figure 3.4 shows the monomer concentration of DDAO in 
protonated and deprotonated forms calculated from the titration experiment done for 
1x10-4 M DDAO in the absence and presence of SDS below the mixed CMC. It can 
be seen that there is no significant effect of SDS on the concentrations of DDAO+ and 
DDAO0 in monomer form. This, again, verifies that premicellar aggregates of DDAO 
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and SDS are present at insignificant concentrations or they do not affect the 
protonation of DDAO. 
 
3.4.3 Titration of Mixtures of DDAO and SDS Above the CMC 
Mixed solutions of DDAO and SDS were prepared at concentrations above 
the mixed CMC with added 0.15 M NaCl. The experimental precipitation phase 
boundary of DDAO and SDS at 0.15 M NaCl was used as a guideline to select the 
concentration of the mixture that would be above the CMC and not form precipitate 
[27]. During the titration experiment, the solution was examined for any evidence of 
precipitation. The experiment was terminated if precipitation occurred. For the 
systems above the CMC, the overall degree of protonation of DDAO, +az , was 
calculated directly from Eq. 3.44 by using pH readings and HCl concentrations during 
the titration. The mole fraction of DDAO+ in both micellar and monomer phases were 
determined by applying the pseudophase separation model along with regular solution 
theory described previously. From a titration experiment, pH and concentration of 
HCl were recorded and input into Eqs. 3.17, 3.18, 3.21-3.24, 3.35-3.40, and 3.44 that 
were simultaneously solved to yield the monomer-micelle compositions of each 
surfactant species.  
Figure 3.5 shows the degree of protonation of 3x10-3 M DDAO in the 
presence of 1x10-5 M SDS, where the total concentration is above the mixed CMC. 
As can be seen, the degree of protonation curve of DDAO in micelles almost 
coincides with the overall degree of protonation, corresponding to the fact that most 
of the DDAO is in the micellar form at this high concentration. The experimental 
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monomeric degree of protonation is the same as the theoretical degree of protonation 
if the pKa is set at 4.9, indicating that the protonation of DDAO in monomer form is 
not affected by the presence of anionic surfactant.   
The protonation of DDAO in micelles is higher than that in the monomer form 
at high pH (pH 5.0-8.0) because of the effect of the electrical potential at the surface 
of the micelle. The concentration of protons in the immediate vicinity of the micelle 
is higher due to the negatively charged sulfate head groups electrostatically attracting 
the cationic protons. This higher proton density than in the bulk solution promotes 
protonation of the micellar DDAO relative to DDAO monomer. As seen in Fig. 3.6, 
as the +ax  increases (pH decreases), there is a higher fraction of DDAO
+ in the 
micelle than at higher pH that could shield the proton effect by screening the anionic 
SDS and also repel the proton by its same charge, causing pKaM to decrease. Similar 
behavior is found in the pKa shift in the titration of fatty acids solubilized in cationic, 
nonionic and anionic micelles. The pKa shifts upwardly if the fatty acid is solubilized 
in micelles with other anionic surfactants due to high surface charge density [37].  
Several titration experiments were carried out for the mixed DDAO-SDS 
system containing high mole ratio of SDS to DDAO. The overall protonation of 
DDAO is much higher than the calculated protonation in the monomer phase as seen 
in Fig. 3.7, which is a titration of 0.0001 M DDAO in the presence of 0.005 M SDS 
(SDS-rich system) and 0.15 M NaCl. The protonation of DDAO in micelles coincides 
with the overall protonation. The overall and micellar pKa of these systems are 
considerably higher than pKa of DDAO, which could imply that the high SDS 
fraction in micellar phases induces the protonation reaction. However, there is a 
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problem associated with the calculation of monomeric protonation of DDAO because 
of the very low concentration of DDAO in the monomer phase. The presence of high 
SDS concentration promotes the formation of mixed micelle with DDAO, so the 
mixed CMC is extremely low. The amount of DDAO monomer present is too low to 
obtain an accurate calculation.  
In DDAO-alone system, the protonation of micellized DDAO deviates from 
monomer DDAO because of the interaction between DDAO+ and DDAO0. The value 
of pKa is independent of the degree of protonation in the micellar phase, while the 
value of pKaM depends on the degree of protonation in the micellar phase [25]. From 
Fig. 3.6, at DDAO-rich compositions, the pKaM is not affected much by the presence 
of SDS. The pKaM of DDAO in the DDAO-rich system remains approximately the 
same as the pKaM of DDAO in the DDAO-alone system. Figure 3.8 shows that the 
monomer concentration of DDAO+ is not affected by the SDS in the system of 
DDAO-rich composition. However, the monomer concentration of DDAO+ deviates 
when the solution has high ratio of SDS to DDAO. For SDS-rich compositions, the 
overall value of pKaM increases. The SDS-rich micelle could have a high negative 
value of surface potential that draws hydrogen ion and induces the protonation of 
DDAO. The deviation in the pKaM of DDAO when SDS is present is due to the 
electrostatic effect as also observed by others. Tokiwa and Ohki found that the 
deviation of the protonation of DDAO in micelles is positive with anionic surfactant 
(sodium dodecylpolyoxyethylene sulfate) and negative with cationic surfactant 
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Table 3.1 Critical micelle concentration of DDAO in 0.15 M NaCl 
pH CMC (M) Method 
2 1.3x10-3 Surface tension measurement 
3 1.3x10-3 Analysis from hydrogen ion titration 
3.5 1.1x10-3 Analysis from hydrogen ion titration 
4 9.2x10-4 Analysis from hydrogen ion titration 
4.8 7.37x10-4 Analysis from hydrogen ion titration 
5 6.5x10-4 Surface tension measurement 
5 7.5x10-4 Analysis from hydrogen ion titration 
6.5 1.1x10-3 Analysis from hydrogen ion titration 











Table 3.2 Critical micelle concentration of mixed DDAO and SDS in 0.15 M NaCl 
Ratio of DDAO to SDS pH CMC (M) 
1:100 9 6.06x10-4 
1:10 9 2.75x10-4 
1:50 9 4.6x10-4 
100:1 3 1.2x10-4 
1:100 3 2.02x10-4 













Table 3.3 Micellar interaction parameter  
dsa+
β (DDAO+-SDS) -12.8a 
dsa0
β  (DDAO0-SDS) -6.61a 
0aa+
β  (DDAO+-DDAO0) -2.6a  
0aa+
β  (DDAO+-DDAO0) -2.0b 
a Surface tension mesurement 
b Analysis from titration curve 
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Fig. 3.2 The pKa of DDAO in the presence of SDS below the mixed CMC at a 
DDAO concentration of 1x10-4 M in 0.15 M NaCl 
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 [DDAO] = 1x10-4 M
 [DDAO] = 1x10-4 M, [SDS] = 1x10-5 M





























Fig. 3.4 Monomer concentration of DDAO+ and DDAO0 in 1x10-4 M DDAO in the 
absence and presence of SDS (concentrations are well below CMC) 
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 y theory (as if pKa = 4.9)
 
Fig. 3.5 Degree of protonation curve for the titration of 3x10-3 M DDAO with 1x10-5 
M SDS and 0.15 M NaCl 
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Degree of DDAO protonation in micelle 
 
Fig. 3.6 Value of pKaM as a function of degree of DDAO+ protonation in micelle 
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 y theory(if pka = 4.9)
 
Fig. 3.7 Degree of protonation of 1x10-4 M DDAO with 5x10-3 M SDS (SDS-rich 
system) and 0.15 M NaCl 
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Interaction Between an Anionic and an Amphoteric Surfactant. 
Part II. Precipitation 
 
 
Use of amphoteric and anionic surfactants is very common in practical 
formulations such as shampoos and hand dishwashing products. Precipitation of 
mixtures of dimethyldodecylamine oxide (DDAO) as an amphoteric surfactant and 
sodium dodecyl sulfate (SDS) as an anionic surfactant were studied here at different 
pH levels. The DDAO is a pH-sensitive surfactant and its protonation can be 
expressed in terms of a pKa similar to an acid dissociation constant. The protonated 
form of DDAO carrying a positive charge precipitates with the oppositely charged 
SDS. Therefore, precipitation phase boundaries are pH dependent due to the varying 
degree of DDAO protonation. Use of regular solution theory and the pseudophase 
separation model to describe micellar mixing nonidealities, the precipitate solubility 
product, the protonation dissociation constant, a model to predict the precipitation 
phase boundary is presented here. The model agrees with experimental phase 







Surfactant precipitation is an important consideration in applications involving 
charged surfactants. Precipitation of surfactants can be desirable in some applications 
such as the recovery stage in surfactant-based separations. However, precipitation can 
also be detrimental in many applications including detergency, surfactant-based 
separation processes, and petroleum production using surfactants due to loss of 
surfactant activity. Ionic surfactants tend to precipitate out with oppositely charged 
simple ions or with surfactants with opposite charge. In formulation application, 
when a mixture of opposite charge surfactants is used (e.g. mixture of cationic and 
anionic surfactants), care must be taken to avoid precipitation. The precipitation of 
anionic surfactants with various monovalent and divalent cations such as Na+, Ca2+, 
Mg2+ has been extensively studied [1-28]. Precipitation of mixtures of anionic and 
cationic surfactants has been investigated as well [25, 28-31]. The ability to take 
advantage of synergistic behavior between oppositely charged surfactants is often 
limited by their tendency to precipitate. Models to predict the precipitation domains 
have also been successfully developed for both precipitation of anionic surfactants 
with metal ions and with cationic surfactants [20, 29, 30]. Those models apply the 
pseudophase separation model of micelle formation, which treats micelles as a 
separate thermodynamic phase in equilibrium with monomer, while regular solution 
theory was used to describe the nonideality in mixed micelle formation. With a 
known solubility product (KSP) of the precipitating complex, a precipitation phase 
boundary can be predicted.  
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Mixed anionic and amphoteric surfactants are often used in formulations of 
liquid detergents and shampoos. In these formulations, anionic surfactant is added as 
a main surfactant for cleaning, while amphoteric surfactant is added to serve as a 
foam booster and for mildness. The mixture of these two surfactants shows strong 
interaction [32-34]; at certain pH levels, cationic form of amphoteric surfactant can 
precipitate with anionic surfactant. The ability to take advantage of synergistic 
behavior between oppositely charged surfactants is often limited by their tendency to 
precipitate. 
In this present work, a model to predict the anionic-amphoteric surfactant 
precipitation phase boundary is developed and compared to experimental 




The amphoteric amine oxide surfactant is a cationic surfactant due to a 
protonation at the amine oxide head group in acidic solution; it is a zwitterionic 
surfactant due to the net zero charge in the amine oxide head group under alkaline 
conditions [35]. Therefore, the solution properties of amine oxide surfactants strongly 
depend on pH [36-41]. The equilibrium between the cationic and zwitterionic 
surfactant in a solution of dimethyldodecylamine oxide (DDAO) can be expressed by 
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where +Ha , 
m
a
a 0  and maa +  are the activities of the hydrogen ion, the zwitterionic 
(DDAO0), and the protonated cationic amine oxide (DDAO+) monomers, 
respectively. According to the previous paper in this series [42], the extended Debye-
Huckel can be used to calculate the activity coefficient of charged ions in solution. 
The ionic strength is considered constant throughout the study since the swamping 
electrolyte approximation is always valid due to added salt (NaCl) at high 













||5139.0log 2γ   (4.2) 
 
where ±γ  is the average activity coefficient given by the extended Debye-Huckel 
equation  outlined by Davies [43]; in  is the valency number of charged species i. The 
ionic strength, I, is calculated as follow;  
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( )∑= 25.0 ii nCI     (4.3) 
 
where iC is the molar concentration of charged species and the sum is overall ions 
present. 
For the charged surfactants, where i  represents ionic surfactants (ds for 









if is the partial fugacity of surfactant i in monomer phase; iH  is the Henry’s 
law constant, respectively; miC  is the monomer concentration of surfactant i. When a 
hypothetical infinite dilution standard state extrapolated to unit molarity (no added 




i =     (4.5) 
 
where moif
. is a standard state fugacity of surfactant i  in the monomer phase. By 
convention, activity coefficients are omitted from Eq. 4.5, even though at 1 M, ionic 
surfactant monomer concentration, from Eqs. 4.2 and 4.5, ±γ  can deviate from unity. 
Of course, the standard state is truly hypothetical since 1 M is far above the CMC of 
any surfactant, so monomer can’t exist at this concentration. Rather, the infinite 
dilution standard state extrapolates the properties (e.g., partial fugacity) of the 
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component from infinitely dilute up to the arbitrary concentration or mole fraction of 
interest. The only reason 1 M is chosen to extrapolate to is that values of aK (Eq. 4.1) 
and solubility product or SPK  use molarity units for concentration by convention for 
calculation and we will be consistent with accepted calculated values of these 
parameters. 








a ,=      (4.6) 
 





i Ca ±= γ      (4.7) 
 
For the hydrogen ion, the partial fugacity of H+, +Hf , is defined as: 
 
+++ ±= HHH CHf γ     (4.8) 
 
where +HH  and +HC are the Henry’s law constant and hydrogen ion concentration in 
the solution, respectively. Hydrogen ion in solution is also treated as an ideal dilute 
solution and its standard state is a hypothetical infinite dilution extrapolated to unit 
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molarity with no added electrolyte. The standard state fugacity of H+, o
H





H ++ =     (4.9) 
 










a      (4.10) 
 
By combining Eqs. 4.8-4.10,  
 
++ ±= HH Ca γ      (4.11) 
 
For the uncharged amine oxide surfactant, DDAO0, the partial fugacity of 
DDAO0 in the monomer, 
m





a oCHf 00 =      (4.12) 
 
where 0aH  and 
m
aC 0  are the Henry’s law constant and DDAO
0 concentration in the 
monomer phase. There is no activity coefficient in Eq. 4.12 since DDAO0 has no net 
charge. With a hypothetical infinite dilution standard state extrapolated to unit 
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molarity solution, the standard state fugacity of DDAO0 in monomer, mo
a





a =      (4.13) 
 










0 =      (4.14) 
 




Ca 00 =      (4.15) 
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where maC +  is DDAO
+ concentration in the monomer phase.  Since the definition of 
activities of surfactant monomer and hydrogen ion has been defined with standard 
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state fugacities in a unit of molarity, the concentrations in Eq. 4.16 must also be in 
units of molarity as the activities are dimensionless and so is aK . It is interesting to 
note that the activity coefficients cancel each other and do not appear in Eq. 4.16, so 
the specific correlation used for ±γ  does not affect aK . 
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log          (4.18) 
 
The pKa of dodecyl dimethylamine oxide (DDAO) is around 4.9, which is a 
true thermodynamic pKa [37, 38, 42, 44]. The pKa indicates the dissociation of 
DDAO in monomer form so it is appropriate to use this value in Eqs. 4.17 and 4.18 to 
obtain the monomer concentration of DDAO+ and DDAO0 since only surfactant 
monomer can cause precipitation. Since the degree of dissociation of the DDAO is 
different in the mixed micelles than monomer, the apparent apK or the micellar 
apK ( aMpK ) differs from the apK in Eq. 4.18. As discussed in detail in part I of this 
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series [42], in our model, this is accounted for by the modeling of nonideal mixing in 
the micelles above the CMC.  
When a dilute aqueous solution contains anionic and amphoteric surfactants, it 
is in fact a ternary system consisting of anionic, cationic, and nonionic monomers. 
Anionic and cationic monomers can associate due to charge attraction and precipitate 
out if the solubility product is reached. Upon an increase in surfactant concentration, 
mixed micelles of these surfactants form. In this ternary system consisting of anionic 
and amphoteric surfactants, there are three simultaneous equilibrium, which must be 
satisfied: monomer-micelle, monomer-precipitate, and protonated-unprotonated 
amine oxide. The schematic equilibria are shown in Fig. 4.1.  
Zwitterionic surfactant (DDAO0) is present in monomer and micelle forms, 
while cationic (DDAO+) and anionic surfactants exist in monomer, micelle, and 
precipitate. The counterions, which are excluded from the diagram, can bind to the 
micelle or stay unbound in bulk solution. Precipitation of anionic and cationic with 
their counterions is disregarded due to their very high KSP when compared to KSP of 
the anionic and cationic surfactant pairs under conditions used here (e.g. solid sodium 
dodecyl sulfate will not precipitate).  
Precipitation of monomer is described by: 
 
DS-(aq)     +     DDAO+(aq)                        DS-DDAO(s) 
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where DS-DDAO represents  the solid precipitate formed from a 1:1 stoichiometric 
ratio between dodecyl sulfate (DS-) and protonated DDAO (DDAO+). The activity 





dsSP aaK +=      (4.19) 
 
where mdsa  and 
m
aa +  are the activities of the SDS and DDAO
+ in the monomer phase. 
The activities of SDS and DDAO+ in monomer form can be expressed according to 










a Ca ++ ±= γ     (4.21) 
 
where mdsC  is the monomer concentration of anionic SDS. Substitute Eqs. 4.20 and 







dsSP CCK     (4.22) 
 
All solutions studied here contained 0.15 M of NaCl as a swamping 
electrolyte so that the ionic strength and CMC of each single surfactant is assumed to 
be constant. The swamping electrolyte thus simplifies the model because the 
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concentration of counterions from added surfactant or acid and base in adjusting the 
pH is insignificant compared to the swamping NaCl.  
 If the swamping electrolyte approximation were not valid, it would be 
necessary to model the counterion binding on micelles (for example see [45, 46]) in 
order to estimate the unbound counterion concentrations which affect ionic surfactant 
CMC values [47, 48]. 
On a precipitation phase boundary, there is an infinitesimal amount of solid 
precipitate present, so all the surfactant is either present as monomer or as micelles. 
The solubility product equation requires the monomer concentration of precipitating 
















aa CCC 000 +=              (4.25) 
 
where dsC , +aC , and 0aC  represent the total concentration of SDS, DDAO
+, and 
DDAO0, respectively; MdsC , 
M
aC + , and 
M
aC 0 , are micellar concentration of SDS, 
DDAO+, and DDAO0, respectively. The total concentration of DDAO ( aC ), which 




CCC += +     (4.26) 
 
The pseudophase separation model is used to treat the monomer and micelle 
as separate thermodynamic phases, which are in equilibrium.  The partial fugacities 
are then the same for each surfactant component in the monomer and micellar phases. 









if is the partial fugacity of micellar surfactant i. 
The partial fugacity of monomer surfactant is proportional to the surfactant 
monomer concentration with the activity coefficient given by the extended Debye-






i CMCYCf Η=Η= ±± γγ         (4.28) 
 
where iY  is the surfactant-only based mole fraction of monomeric surfactant i in the 
solution and mCMC  is the mixed CMC. 









,γ=         (4.29) 
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where Moif
, is a standard state fugacity of surfactant i in the micellar phase, Miγ is the 
activity coefficient of surfactant i in the micelle, and iX  is the surfactant-only mole 
fraction of surfactant i in micellar form. The standard state in the micellar phase is a 
pure surfactant i micelle at the same temperature and electrolyte concentration as the 
mixture is at. This standard state micelle is in equilibrium with surfactant i monomer 




i CMCf Η= ±γ






i CMCHXf ±= γγ           (4.31) 
 






i CMCXCMCYC γ==    (4.32) 
 
 For uncharged surfactant, DDAO0, ±γ  is omitted from the partial fugacity 






a CMCYHCHf o 0000 ==   (4.33) 
 
where 0aY is the surfactant-only based mole fraction of DDAO
0 in the monomer 
phase. 
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For the fugacity of DDAO0 in the micellar phase, M
a













γ  is the activity coefficient of DDAO0 in the micellar phase, 0aX  is the 
surfactant-only micellar mole fraction of DDAO0, and Mo
a
f ,0  is the standard state 
fugacity of DDAO0 in the micellar phase. 
 The standard state of DDAO0 in the micellar phase is a pure DDAO0 micelle 
at the same temperature and electrolyte concentration as the mixture is at, which is in 
equilibrium with DDAO0 monomer at a concentration equal to the CMC of pure 
DDAO0. The standard state fugacity of DDAO0 in the micellar phase, Mo
af
,








CMCHf o=     (4.35) 
 
where 0aCMC is the CMC of pure DDAO







CMCXCMCYC γ==   (4.36) 
 
 The monomer and micellar compositions of SDS and DDAO+ can be written 














CMCXC γ                                        (4.38) 
 
where +aCMC  and dsCMC  are the CMC of pure DDAO
+ and SDS, respectively. 
 In applying regular solution theory to three-component system, the pairwise 
interaction parameters with mixing rules for three component interactions are used 
[49]. These molecular interaction parameters can be obtained from independent 
experimental data CMC of each pure surfactant and binary mixed surfactant solution 
using well known procedures [50].   
The model is intended to predict the concentration of DDAO that causes 
precipitation with specified concentrations of SDS and at a specific pH. If the CMC 
of each pure surfactant, pKa, KSP of DDAO+-SDS, and the three binary molecular 
interaction parameters in the micellar phase are known, the concentration of DDAO 
causing precipitation at defined concentrations of SDS can be calculated by solving 
Eqs. 4.2, 4.3, 4.17, 4.18, 4.22-4.25, and 4.36-4.38 simultaneously. As will be seen, 
the shape of the precipitation phase boundary can yield two values of the DDAO 










Sodium dodecyl sulfate (SDS) was obtained from Fisher Scientific (Fair 
Lawn, NJ) with purity greater than 99%. It was further purified by recrystallizing 
twice by water and methanol, respectively and dried under vacuum. N,N-
Dimethyldodecyl amine N-oxide (DDAO), an amphoteric surfactant, was purchased 
from Sigma-Aldrich (St. Louis, MO) and was used as received. Sodium chloride 
(NaCl) (certified A.C.S.) was from Fisher Scientific (Fair Lawn, NJ) and was used as 
received. Sodium hydroxide (NaOH) and hydrochloric acid (HCl) from Fisher 
Scientific (Fair Lawn, NJ) were used to adjust the pH of the solutions. Double 




4.3.2.1 Precipitation Phase Boundary 
A series of samples was prepared by mixing stock solutions of surfactants. All 
solutions contained 0.15 M NaCl as a swamping electrolyte. The pH of the solutions 
was adjusted using standard solutions of HCl and NaOH. The pH was measured using 
an Accumet AR20 pH/Conductivity meter (Fisher Scientific). Dry nitrogen gas was 
supplied during pH adjustment to prevent acid formation from dissolved CO2. The 
samples were first forced to precipitate at low temperature to avoid supersaturation 
and then kept in a temperature-controlled water bath at 30 oC while periodically 
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shaken to ensure equilibrium. Detection of the presence of crystals was made after at 
least 4 days of storage and observation continued for longer periods of time if needed. 
The presence of precipitate in the samples was detected visually by the reflection of 
light when a high-intensity beam of light was shone through the sample in a dark 
room. The initial surfactant composition was considered to be inside the precipitation 
phase boundary if the precipitate was observed after equilibration. The average of the 
two nearest concentrations on either side of the phase boundary of the surfactant 
being varied is the reported datum on the phase boundary.  
 
4.4 RESULTS AND DISCUSSION 
 
4.4.1 Determination of KSP and Experimental Precipitation Phase Boundary  
 The solubility product, KSP, can be obtained from the precipitation phase 
boundary measured in the absence of micelles or below the CMC at a low pH where 
essentially all the DDAO is protonated. A series of DDAO and SDS solutions at 
different concentrations with 0.15 M NaCl was made. The pH of the solution was 
adjusted to 3 in order to fully protonate the DDAO. The solutions were checked for 
precipitation and the data was plotted according to the procedure mentioned earlier. 





















C +  and mdsC  are the total concentration of DDAO
+ and SDS under these 
conditions. If  m
aC +log  vs. 
m
dsClog  are plotted, the best fit of a line with a slope of -1, 
yields the KSP according to Eq. 4.39 as shown in Fig. 4.2. The average KSP is found to 
be 1.44 x 10-10 M2. The KSP for this system is comparable to the value of 2.24 x 10-10 
M2, which was obtained for the precipitation of SDS and dodecylpyridinium chloride 
(DPCl) in 0.15 M NaCl and at 30 oC [29]. 
 The precipitation phase boundaries over a broad concentration range from pH 
4.6 to 6.0 are shown in Fig. 4.3. There are three branches to each of the phase 
boundaries. At low concentrations of both surfactants, the system is below the CMC 
as can be confirmed by calculating the minimum concentration of one surfactant at a 
given concentration of the second surfactant to form micelles using the equations in 
the theory section. This calculated surfactant concentration is above that on the 
precipitation phase boundary for the linear region of the boundary on the lower left 
side in Fig. 4.3; i.e., precipitation occurs before micelles can form. As the SDS 
concentration increases, eventually the calculated DDAO to form micelles equals that 
to cause precipitation and at higher SDS concentrations, micelles and precipitate 
simultaneously exist along the anionic-micelle enriched branch in Fig. 4.3. At high 
DDAO concentrations, in analogy, there is the cationic-micelle enriched branch 
shown in Fig. 4.3. This shape of the precipitation phase boundary is typical of 
anionic-cationic surfactant systems [29, 51, 52] and anionic-cationic-nonionic 




4.4.2 Precipitation Phase Boundary Model and Comparison to Data 
 Parameters used in the model to predict the precipitation phase boundary in 
the system of SDS and DDAO at various pH are summarized in Table 4.1. The KSP 
was obtained from this study as already discussed while all other parameters were 
obtained from the first paper in this series [42] which addressed protonation and 
monomer-micelle equilibrium. In that paper, it was shown that premicellar 
aggregation (e.g., ion-pair formation) is insignificant in this system, so that 
phenomenon does not need to be included in the model.  
 Predicted precipitation phase boundaries are shown in Fig. 4.4 and compared 
with experimental precipitation phase boundaries obtained experimentally in Figs. 
4.5-4.7 at different pH levels. In Fig. 4.4, the predicted precipitation phase is larger as 
pH decreases as also qualitatively seen in Fig. 4.3 for experimental phase diagrams. 
As pH increases, the fraction of DDAO which is protonated decreases. As a result, 
below the CMC, the precipitation region decreases both theoretically and 
experimentally (Fig. 4.4 and 4.3, respectively). Above the CMC, the decreased degree 
of protonation with increasing pH reduces the synergism or negative degree of 
ideality of mixing for micelle formation as indicated by the zwitterionic DDAO 
having a less negative β (-6.61) compared to the cationic DDAO β (-12.88) with the 
SDS (see Table 4.1). This results in higher monomer concentrations of the surfactants 
DDAO+ and SDS than for more nonideal mixed micelles, thereby enhancing the 
tendency to precipitate. These two offsetting tendencies with increasing pH help 
explain why the cationic-rich micelle branch of the precipitation phase diagram 
shows little pH dependence theoretically or experimentally in Figs. 4.4 and 4.3. In 
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fact, the micelle nonideality effect is greater than the protonation of monomer effect 
at the highest DDAO concentrations studied accounting for the slightly enlarged 
precipitation phase boundary at the lowest pH on the cationic-enriched micelle arm of 
the curve in Fig. 4.4. 
 In general, there is only slight deviation in the predicted precipitation phase 
boundary from the experimental precipitation phase boundary (Figs. 4.5-4.7). 
Deviation in the predicted phase boundary from the experimental precipitation phase 
boundary is also reported in the system SDS and dodecylpyridinum chloride (DPCl) 
[29, 30]. In their work, most of the deviation was observed in the anionic-rich region 
of the precipitation phase boundary and the formation of coacervate was proposed as 
a  cause of deviation [29]. However, in this same system with added nonionic 
surfactant, Shiau et al. (1994) proposed that the deviation is rather a formation of a 
stable dispersion of microcrystals since the deviation was observed without 
coacervation. It has been found that SDS can adsorb onto precipitate particles and the 
dispersion can be destabilized by adding electrolyte to suppress the electrical double 
layer and hence reduce the electrostatic repulsion between particles [30, 53]. In our 
system, coacervate formation has not been observed. In addition, the slight deviation 
observed in this study is found only in the amphoteric-rich region as can be seen in 
Figs. 4.5-4.7 so the stable dispersion because of adsorbed SDS onto microcrystals is 
evidently not the cause of the deviation found here. The model predicts precipitation 
phase boundary well in SDS-rich region. At high ratio of zwitterionic surfactant, the 
protonated amine oxide can have a very strong interaction with anionic SDS resulting 
in less monomer to precipitate out so it is hard to experimentally determine the 
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existence of precipitate in those solutions, so the measured phase boundary is less 
accurate in this region. 
 The reason that pH levels below 4.6 or above 6.0 where not modeled here is 
that the numerous equation required simultaneous solution exhibited severe 
convergence problems outside this range. The pH range covered corresponded to 
monomer degree of protonation varying from 7.4 % to 66.6 %, so the essential 
features of the model results are described. We believe that there is not a problem 
with the existence of a physically reasonable phase boundary at extreme pH levels, 
just a numerical solution limitation. This model could be extended to include 
additional surfactant components, multiple precipitating species, a non-swamping 
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Table 4.1 Summary of the parameters used in the model 
Parameters Value Reference 
KSP 1.44x10-10 M2 This work 
dsa+
β  -12.88 [42] 
dsa0
β  -6.61 [42] 
0aa+
β  -2.6 [42] 
+a
CMC  1.3x10-3 M [42] 
0a
CMC  1.2x10-3 M [42] 



































































Fig. 4.2 Experimental precipitation phase boundary below the CMC at pH 3 used to 
obtain the KSP 
























Fig. 4.3 Experimental precipitation phase boundaries in solutions of SDS and DDAO 
at different pH levels 
Cationic micelle enriched branch 
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Dissolution Study of Salt of Long Chain Fatty Acids (Soap Scum) in Surfactant 
Solutions. Part I. Equilibrium Dissolution 
 
 
Dissolution of calcium salt of a long chain fatty acid or soap scum is a major 
challenge for hard surface cleaners since soap scum forms when soap is exposed to 
hard water and has very low water solubility. Some common formulations contain 
micelle-forming surfactants as well as chelants for hardness cations in aqueous 
solutions, but the mechanism by which they dissolve soap scum is not well 
understood. In this paper, the equilibrium solubility of calcium octadecanoate 
(calcium stearate or Ca(C18)2) was measured as a function of pH as well as chelating 
agent (ethylenediaminetetraacetate disodium salt or Na2EDTA) and surfactant 
concentrations. Anionic, nonionic, and amphoteric surfactants were studied. The 
highest soap scum solubilities were observed at high pH with an amphoteric 
surfactant. Under this condition, the chelant effectively binds calcium and the stearate 
anion forms mixed micelles well with the amphoteric surfactant, which is in 
zwitterionic form at high pH. In the second part of this series, we address the kinetics 






Soap scum is the calcium or magnesium salt of a long chain fatty acid. Many 
personal care products consist of soaps, which are salts of carboxylic acids or fatty 
acids. Soaps are unstable in hard water containing metal ions, especially calcium and 
magnesium, because soaps form insoluble precipitates with those metal ions. 
Insoluble soap scum creates the well-known stain in the bathroom (e.g., ring around 
the bathtub). There have been extensive efforts to formulate bathroom cleaners and 
other hard surface cleaners to remove soap scum stains. Requirements for good 
formulation generally include effective, rapid removal of the scum with little or no 
mechanical force involved. One common approach in hard surface cleaners used for 
soap scum removal involves an aqueous solution of a chelant for calcium or 
magnesium complexation with a micelle-forming surfactant. Simultaneous chelation 
of calcium and mixed micellization of the fatty acid with the added water-soluble 
surfactant are hypothesized to be responsible for soap scum dissolution.  
The relationship between the structure of different surfactants and 
performance of the equilibrium dissolution of soap scum in the solution containing 
chelating agent and the effect of solution pH are main focuses in this study. The 
solution pH can have an effect on both the effectiveness of the chelating reaction and 
the structure of the fatty acid due to protonation [1]. Generally, the solubility of soap 
decreases or the Krafft temperature increases as its alkyl chain length increases [2]. 
Mixture of soaps are more soluble than pure soaps [2].  
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Calcium stearate (Ca(C18)2), [CH3(CH2)16CO2]2Ca or the calcium salt of 
octadecanoic acid, was used as a model soap scum in this study (Fig. 5.1). Actual 
soap scum can be a mixture of other metal salts (e.g., magnesium) of other fatty acids 
such as palmitic acid. Calcium stearate is normally considered “insoluble” in water, 
alcohol, and ether but soluble in mineral oils and hot pyridine. The solubility of 
calcium stearate is only about 0.04 g/L of water at 15 oC [3]. Long chain fatty acid 
salts are weak ionizable surfactants [4] with the charge varying with pH. Figure 5.1 
shows the possible forms of Ca(C18)2 existing in aqueous solution at different pH 
levels. Calcium stearate has a pKa of 4.5 [5]. So, at low pH (e.g., 2), the stearate anion 
protonates and forms nearly insoluble stearic acid. The solubility of stearic acid is 
only 0.003g/L of water at 20 oC [6]. At higher pH level, calcium cannot dissociate so 
the Ca(C18)2 remains mainly insoluble. At intermediate pH level, protonation is only 
partial so there is a mixture of stearate anion and stearic acid, both of which have low 
solubility. So, without some way to remove the calcium from the stearate or some 
aggregates like micelles to increase the solubility of the stearate anion or stearic acid 
in solution, Ca(C18)2 is nearly insoluble throughout a wide pH range.  
The solubilities of either the nonionic stearic acid at low pH and the Ca(C18)2 
at high pH are so low that micelles do not form; i.e., as surfactant concentration 
increases, the solubility limit is reached before a CMC is reached. One strategy of 
increasing the solubility of Ca(C18)2 at any pH is to add a “micelle promoting agent” 
[7], which forms micelles with which the protonated stearic acid or stearate anion can 
co-micellize. This is a common general strategy in increasing the solubility of 
surfactants. Since the tendency to co-micellize or form mixed micelles will depend on 
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the charge of the added surfactant, we will study added anionic, nonionic, and 
amphoteric surfactants here. 
A chelating agent is sometimes added into cleaning products to prevent 
precipitation of active ingredients with metal ions naturally found in the hard water 
by forming a water soluble complex with the metal ions. In the system studied here, 
the chelating agent was added to complex with and promote the dissociation of 
calcium ion from the solid calcium stearate so the dissociated stearate anion can form 
micelles. There are several types of chelating agents or complexing agents such as 
phosphates and aminocarboxylates (e.g., ethylenediaminetetraacetate or EDTA) [8]. 
Ethylenediaminetetraacetate disodium salt, Na2EDTA, (molecular structure shown in 
Fig. 5.1) was used here. It is a common complexing agent, which has four main active 
sites that can form a water-soluble complex with metal ions. One molecule of 
Na2EDTA can chelate one molecule of calcium ion stoichiometrically [9]. The 
effectiveness in metal complex formation depends on the equilibrium constants or 
stability constants of the ligand with the metal. There are five possible forms of 
EDTA in the absence of calcium depending on pH (H4Y, which has four ionizable 
hydrogens, H3Y-, H2Y2-, HY3-, and Y4-) and there are 2 forms (HY3- and Y4-) which 
can form complexes with calcium ions [9]. At high pH, the major species found is Y4, 
which is the most effective form of EDTA in chelating calcium. The molecule of 
EDTA in acidic solution is less effective than in a basic solution due to protonation of 
active sites on the EDTA.  
At high pH, as calcium is removed from solid Ca(C18)2, the stearate anion 
solubility increases to the point where all the solid dissolves, or it forms micelles, or 
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forms precipitate with some other counterions (e.g., Na+) in solution in the absence of 
a co-surfactant acting as a micelle promoting agent. The presence of a co-surfactant 
forming micelles further improves solubility synergistically with the chelant. At a low 
enough pH, the protonation reaction should cause complete dissolution of the solid 
calcium stearate to nearly insoluble protonated fatty acid which can co-micellize (but 
doesn’t have enough hydrophilicity in the nonionic head group to form micelles 
independently). So at low enough pH, the chelant shouldn’t have any effect on the 





Sodium dodecyl sulfate (SDS) (99+% purity), obtained from Fisher Scientific 
(Fair Lawn, NJ), was further purified by recrystallization from water and then from 
methanol, followed by drying under a vacuum at 30 oC. Octyl polyglycoside (C8APG) 
was obtained from Akzo Nobel and used as received. Disodium 
ethylenediaminetetraacetate (Na2EDTA) (100% purity) are obtained from Fisher 
Scientific and used without further purification. Stearic acid (99 % purity), obtained 
from Alfa Aesar (Heysham, Lancaster), was used without further purification. 
Calcium hydroxide (99.995% purity) was obtained from Sigma-Aldrich (St. Louis, 
MO). Absolute ethyl alcohol (100% purity) was obtained from AAPER (Shelbyville, 
KY). Acetone (A.C.S. grade) was obtained from Fisher Scientific. 
Dimethyldodecylamine oxide (DDAO) was obtained from Stepan and used without 
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further purification. The NaOH and HCl were from Fisher Scientific (Fair Lawn, NJ) 
and were used as received to adjust the solution pH. Water was double deionized. 
 
5.2.2 Methods  
Calcium stearate, calcium salt of stearic acid, was prepared from stearic acid. 
Stearic acid was first dissolved in ethanol and then reacted with a clear solution of 
calcium hydroxide. The precipitate was filtered and rinsed with water, ethanol and 
acetone to remove excess calcium ion and unreacted stearic acid. Finally, the 
precipitate was dried in a vacuum oven at 30 oC.  
The equilibrium solubility of calcium stearate in anionic, nonionic, and 
amphoteric surfactants was measured at 25 oC. A series of surfactant solution was 
prepared at pH 4-11 using HCl and NaOH solutions. Sodium dodecyl sulfate (SDS) 
was used as an anionic surfactant. Octyl polyglycoside was used as a nonionic 
surfactant. Dimethyldodecylamine oxide (DDAO) was used as an amphoteric 
surfactant. An excess amount of Ca(C18)2 was added into a mixed solution with other 
surfactants and Na2EDTA at the pH of interest. The Ca(C18)2 was forced to dissolve 
by heating it up to above 70 oC or until most of Ca(C18)2 was dissolved. Then it was 
equilibrated at the temperature of interest (25 oC) in a temperature-controlled water 
bath. The solution was allowed to equilibrate for at least 1 week with routine shaking 
to ensure that equilibrium was reached. The solution was filtered using a 0.22-micron 
Durapore hydrophilic membrane. Then the supernatant was analyzed for the 
concentration of Ca(C18)2 by a gas chromatography (GC) (Varian 3300), using an 
SPB 20 column (Supelco) with an FID detector following derivatization. Calcium 
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stearate was derivatized into methyl stearate by using a derivatizing agent, BF3-
methanol (Alltech, Deerfield, IL). The derivatized solution was diluted by hexane 
before being analyzed by GC.  
 
5.3 RESULTS AND DISCUSSION 
 
5.3.1 Chelant-Only Systems 
The equilibrium solubility of Ca(C18)2 was measured in solutions of different 
types of surfactants with and without chelating agent (Na2EDTA) at 25 oC and at 
varying pH. Figure 5.2 shows the equilibrium solubility of Ca(C18)2 in 0.1 M SDS, 
0.1 M Na2EDTA, and a solution of 0.1 M SDS/0.1 M Na2EDTA as a function of pH. 
Figure 5.3 shows the equilibrium solubility of Ca(C18)2 in 0.1 M DDAO, 0.1 M 
Na2EDTA, and a solution of 0.1 M DDAO/0.1 M Na2EDTA as a function of pH. 
From both Figs. 5.2 and 5.3, the Na2EDTA alone has no significant effect on Ca(C18)2 
solubility at any pH studied. Neither the protonated nonionic stearic acid (low pH) or 
the stearate anionic can attain a high enough solubility to form micelles without co-
surfactant, even if free calcium is largely complexed. There is competition for 
calcium between the Na2EDTA and the precipitated Ca(C18)2 and the extremely low 
KSP of the latter maintains the solid Ca(C18)2 even at very low free calcium 
concentrations in the presence of the chelant at high pH where the Na2EDTA is most 
effective. At the lowest pH studied here (pH 4), the protonated form of the fatty acid 
and the solid Ca(C18)2 will both be present. We did not attempt to ascertain the 
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fraction of the solid present in either form since the focus of this study is the 
solubility of the stearate or stearic acid, neither of which was significant without co-
surfactants. Table 5.1 summarizes the possible forms of Ca(C18)2 and chelant 
Na2EDTA that could be found at different pH levels. The stearic acid could form due 
to low pH by the protonaton of stearate anion. The Na2EDTA will also be protonated 
into less effective chelant forms at low pH. At intermediate pH, calcium is released 
by the protonation of Ca(C18)2 and also is complexed with chelant to some level, but 
not very high as the chelant is not its most effective form. The other molecules 
formed from Ca(C18)2 are stearic acid and stearate anion. At higher pH, even though 
the calcium is complexed effectively, the dissolution of Ca(C18)2 is still considered 
very low since the stearate anion has limited solubility and at the temperature of study 
(25 oC), it cannot form micelles alone to increase its solubility. 
 
5.3.2 Surfactant-Only Systems 
The SDS and DDAO are present at least an order of magnitude above their 
CMC, so almost all these surfactants are present as micelles. As shown in Figs. 5.2 
and 5.3, in the absence of chelating agent, both SDS and DDAO increased the 
solubility of Ca(C18)2 slightly, with DDAO causing higher solubility than SDS at all 
pH levels. The SDS effect had little pH dependence except at pH below 5 where 
solubility of Ca(C18)2 increased. The DDAO caused a monotonic increase in 
solubility in Ca(C18)2 with decreasing pH, exhibiting an order of magnitude greater 
solubility at pH of 4 compared to SDS. At high pH (pH 7-11), the solubility of 
Ca(C18)2 in DDAO is approximately 5 times higher than that in SDS.  
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The charge on the stearate/stearic acid molecule becomes less negative (high 
fraction of protonated or nonionic surfactant) as pH decreases as already discussed 
with a pKa around 4.5. The effective pKa can alter upon incorporation of the stearate 
into mixed micelles depending on the charge of the co-surfactant, increasing when 
co-micellizing with an anionic surfactant like SDS [10]. 
The DDAO is an amphoteric surfactant, which can exist in the form of a 
cationic or a zwitterionic surfactant depending on the solution pH as shown by the 
protonation reaction: 
 
            R                                          R       
       R-N+-OH                             R-N O    +     H+        
            R                                          R  
 
The pKa of DDAO monomer is reported at about 5 [11], but the effective pKa 
can be much higher in micelle form, even higher when co-micellized with an anionic 
surfactant [11]. Since 0.1 M DDAO is about two orders of magnitude above the 
CMC, the effective pKa is that in micellar form. At the pH = pKa, half of the 
surfactant is in cationic form and half in zwitterionic form. At pH below the pKa, the 
cationic form dominates and at pH above the pKa, the zwitterionic form dominates. In 
addition to protonation of the stearate and the DDAO, the effectiveness of 
complexation of Na2EDTA varies with pH as previously discussed, with higher pH 
being more effective. 
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 In explaining the pH effects on Ca(C18)2 dissolution, three effects dominate as 
pH decreases; protonated nonionic stearic acid/anionic stearate anion ratio increases; 
cationic DDAO/zwitterionic DDAO ratio increases; and complexation of calcium by 
Na2EDTA decreases. The effect of micellar composition on the effective pKa of the 
stearate is probably a secondary effect in explaining trends. Charge repulsion of the 
head groups when anionic stearate is incorporated into an SDS micelle would inhibit 
co-micellization of stearate with SDS, so the increase in solubility of Ca(C18)2 at pH 
below 5 in a chelant-free SDS solution is due to a higher fraction of the fatty acid 
being in nonionic, protonated form. The highest synergism in mixed micellization is 
for a cationic/anionic surfactant mixture [12], explaining why the highest solubility in 
a chelant-free surfactant system is DDAO at low pH where it is below its pKa and 
primarily in cationic form, co-micellizing with anionic stearate and (less 
synergistically) with protonated stearic acid. The synergism between a zwitterionic 
and an anionic surfactant is between that of an anionic/anionic and a cationic/anionic 
surfactant mixture [12], explaining why the solubility of Ca(C18)2 at high pH (where 
the DDAO is primarily zwitterionic) is greater than that for SDS, but less than that of 
DDAO at low pH in the absence of chelant. Table 5.1 shows the ionic form of 
possible formed components and degree of interaction in micellar solutions of 
anionic, amphoteric, and nonionic surfactants in equilibrium with solid soap scum at 
low, intermediate, and high pH, respectively.  
At low pH, the main soap scum component that forms mixed micelles with the 
adeed soluble surfactant is nonionic stearic acid. The formation of mixed micelles is 
expected to be most effective in either cationic (DDAO at low pH) or anionic 
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surfactant micelles since cation/nonionic or anionic/nonionic surfactant synergism is 
present.  
At intermediate pH, stearic acid and stearate anion form mixed micelles with 
added surfactant. The DDAO is composed of both cationic and zwitterionic 
surfactants. Even though the formation of mixed micelle when DDAO is used can be 
enhanced due to the mixed cationic (DDAO) and anionic (stearate) surfactants, the 
solubility of Ca(C18)2 is lower than at low pH because stearate solubility is so low in 
equilibrium with Ca(C18)2 when no calcium is complexed and less protonated stearic 
acid is formed than at low pH.  
At high pH, the soap scum mostly remains as an undissolved solid precipitate 
since the solubility of soap scum is very low.  Even if there is any stearate anion, 
there is still an electrostatic repulsion between stearate and in SDS in micelles so the 
solubility of Ca(C18)2 is low. The DDAO is in completely zwitterionic form and 
would form micelles synergistically with stearate, but stearate solubility is so low in 
equilibrium with Ca(C18)2 with no chelation. 
 
5.3.3 Surfactant-Chelant Systems 
 In the presence of Na2EDTA, the highest solubility is with DDAO at high pH, 
where it is several orders of magnitude greater than in the chelant-free system. The 
solubility increases monotonically with pH, the opposite trend than for the chelant-
free system. At a pH below about 5, the presence of the chelant does not significantly 
increase solubility of Ca(C18)2. So as long as there are zwitterionic or cationic 
micelles with which the stearate can co-micellize, the complexation of calcium by a 
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chelant is crucial to improving solubility of the Ca(C18)2 and the increasing 
effectiveness of complexation of calcium by Na2EDTA at high pH dominates pH 
effects, leading to maximum solubility at high pH. 
 For the SDS system, the synergism for the chelant/surfactant mixture 
increases as pH decreases in contrast to DDAO. Here, the more efficient co-
micellization of the nonionic, protonated stearic acid into the anionic SDS micelles 
relative to co-micellization of anionic stearate is more important than the decrease in 
complexation effectiveness of the chelant as pH decreases. However, it is important 
to note that the maximum solubility of Ca(C18)2 in the SDS/chelant system is over an  
order of magnitude less than for the DDAO/chelant system, so lack of effectiveness 
of chelation at low pH greatly inhibits freeing of the stearic acid/stearate molecule 
from the solid Ca(C18)2 to permit them to co-micellize.  
More limited studies were carried out using the nonionic surfactant C8APG 
compared to SDS and DDAO as shown in Figs. 5.4 and 5.5 for the C8APG/chelant 
system (chelant-free C8APG was not studied). The solubility of Ca(C18)2 in the 
C8APG system shows increasing solubility of Ca(C18)2 with increasing pH as with the 
DDAO system, although at high pH where maximum solubility is observed, total 
solubility is about a factor of 5 less for C8APG than DDAO. Since anionic/nonionic 
mixed micelles are less synergistic than anionic/zwitterionic mixed micelles, the 
stearate/C8APG synergism is less than the stearate/DDAO at these high pH 
conditions, explaining this surprising large amphoteric surfactant effectiveness. 
Aiding this performance difference is that the DDAO has much larger hydrophobe 
than the C8APG, forming micelles which co-micellize more effectively. Similarly, at 
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low pH, the SDS system shows higher Ca(C18)2 solubility than the C8APG system, 
explainable by the greater synergism of the nonionic/anionic mixed micelles 
composed of protonated nonionic stearic acid/SDS compared to the 
nonionic/nonionic protonated stearic acid/C8APG mixed micelles. Table 5.1 shows 
the molecular structure of Ca(C18)2 and the tendency for mixed micelle formation 
when Ca(C18)2 is dissolved in a micellar solution with chelant (Na2EDTA) at varying 
pH, in which the explanation of the effects of pH on the chelation, release of calcium, 
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Table  5.1 Forms of soap scum, DDAO, ability of Na2EDTA to complex calcium, 
and solubility of Ca(C18)2 in surfactant/chelant system at different pH levels 
pH 
Dominant 









Solubility of Ca(C18)2 in 
Surfactant/Chelant System 












Zwitterionic Medium Low High Medium 
High 
Stearate 













































































































































































































0.1 M C8APG / 0.1 M Na2EDTA
0.1 M SDS / 0.1 M Na2EDTA
 
 
Fig. 5.4 Equilibrium solubility of Ca(C18)2 in solutions of 0.1 M of SDS/0.1 M 




































0.1 M DDAO / 0.1 M Na2EDTA
0.1 M C8APG / 0.1 M Na2EDTA
0.1 M SDS / 0.1 M Na2EDTA
 
Fig. 5.5 Equilibrium solubility of Ca(C18)2 in solutions of 0.1 M SDS/0.1 M 






Dissolution Study of Salt of Long Chain Fatty Acids (Soap Scum) in Surfactant 
Solutions. Part II. Kinetics of Dissolution 
 
 
A study of the dissolution kinetics of soap scum, calcium octadecanoate 
(Ca(C18)2), by aqueous solutions containing three different types of surfactants; 
dimethyldodecylamine oxide (DDAO), sodium dodecyl sulfate (SDS), and octyl 
polyglycoside (C8APG) in the presence of a chelating agent, disodium 
ethylenediaminetetraacetate (Na2EDTA) was carried out by measuring the rate of 
dissolution of Ca(C18)2 using a flow cell apparatus. The resulting rate of dissolution 
corresponds well with the equilibrium solubility obtained in the part I of this series 
even though the dissolution is rate-limited (far from equilibrium). High rates of 
Ca(C18)2 dissolution are achieved in solutions of zwitterionic DDAO or nonionic 
C8APG with Na2EDTA at high pH. From rate analysis, the Ca(C18)2 dissolution was 
found to be surface-reaction limited, rather than limited by processes in solution. The 
wettability of dissolving solution on a soap scum disc was analyzed from the dynamic 
contact angle of a sessile drop and wettability is good enough to not limit the rate of 






Soap scum or calcium salts of long chain fatty acids are often found in the 
bathroom and are considered unpleasant. Several hard surface cleaning products 
designed to remove soap scum and other undesirable deposits, such as calcium 
carbonate, are available with various formulations and ranges of pH. The main 
ingredients of hard surface cleaning detergents are surfactants, chelants, and solvents. 
We will only consider aqueous systems here.  
The first part of this series [1] measured the equilibrium solubility of calcium 
stearate of Ca(C18)2 in surfactant/chelant solution as a function of pH. It was found 
that both complexation of calcium by the chelant and formation of mixed micelles 
between stearic acid/stearate anion and added surfactants are important in order to 
obtain high solubility of Ca(C18)2. For the systems studied, the highest equilibrium 
solubility was obtained when an amphoteric surfactant, dimethyldodecylamine oxide 
(DDAO), with chelant, disodium ethylenediaminetetraacetate (Na2EDTA), was used 
at high pH. The high pH solution promotes both the dissociation of calcium from a 
molecule of Ca(C18)2 through the chelation reaction and the formation of mixed 
micelles between the zwitterionic DDAO and the stearate anion [1].  
Rapid dissolution is a crucial characteristic of a consumer hard surface 
cleaner. In this present work, the kinetics of dissolution of soap scum was measured 
in a flow cell apparatus. The ability of the dissolving solution to wet the hydrophobic 
surface of soap scum is expected to affect the kinetics of dissolution. Therefore, the 
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dynamic contact angle of the surfactant/chelant solutions on the solid soap scum was 
also measured in this work to aid in interpreting the dissolution kinetics.   
 
6.1.1 Kinetic Analysis 




dMr −==−     (6.1) 
 












ln      (6.2)  
 
where r is the rate of Ca(C18)2 dissolution, k is the apparent rate constant of 
dissolution (min-1), and M0 and M are the initial mass of Ca(C18)2 and the remaining 
undissolved Ca(C18)2 at time t, respectively. The value of k can be obtained from a 







⎟  vs. t. 
Chan et al. [2] proposed a theory of solubilization kinetics in a micellar 
solution based on results from a rotating disc experiment as follows, 
1. Surfactant molecules diffuse to the surface 
2. Surfactant molecules adsorb on the surface of the solubilizate 
3. Mixed micelle is formed between surfactant and solubilizate 
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4. Mixed micelle diffuses away into the bulk solution  
The dissolution of lauric, palmitic, and stearic acid in sodium dodecyl sulfate 
(SDS) solutions in a rotating disk configuration was studied and it was found that the 
desorption of micelles and their diffusions are the rate-limiting steps [2, 3]. 
Kralchevsky et al. [4] summarized that there are three major solubilization 
mechanisms important in determining the kinetics of solubilization in micellar 
solutions.  
1. Penetration mechanism 
The requirement for formation of mixed micelles or solubilization of mostly 
solid solubilizates with a micellar solution is the ability of the surfactant solution to 
penetrate into the oily phase and the formation of a liquid crystalline phase at the 
interface [5-9]. 
2. Direct Solubilization 
Oil molecules dissolve into the aqueous phase and then they are subsequently 
solubilized by surfactant micelles. This mechanism applies to oils which have an 
adequately large solubility in water [10-13]. 
3. Micelle Adsorption 
It is adsorption of a micellar solution at the oil-water interface and surface 
reaction (an uptake of oil by surfactant). This mechanism applies to oil that has low 
solubility in water [2, 3, 10, 12, 14-17].  
According to the mechanisms mentioned above, the solubilization of solid 
Ca(C18)2 would require a good contact between the dissolving solution and solid 
Ca(C18)2. The Ca(C18)2 dissolution steps that are likely to occur in a solution of 
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surfactant/chelant are proposed below. These are adapted from the previous work by 
Chan et al. [2]. 
1. Diffusion of a mixture of surfactant and chelating agent from bulk fluid to 
the surface of Ca(C18)2 
2. Adsorption of surfactant and chelant and wetting on the solid Ca(C18)2 
3. Penetration of solution and reaction of solution with Ca(C18)2 
a. Chelating reaction 
b. Formation of mixed micelle with stearic acid/stearate anion at the 
surface 
4. Desorption of mixed micelle containing stearic acid/stearate anion from 
the surface 
5. Diffusion of mixed micelle into the bulk fluid 
 
6.1.2 Wettability 
Generally, wetting is the displacement from a surface of one fluid by another 
and a wetting agent is a substance that increases the ability of aqueous solution to wet 
or spread on the surface [18]. In this context, wetting refers to the displacement of a 
surfactant solution on to a soap scum substrate.  
Wetting of a dissolving solution on a soap scum substrate is a necessary step 
for the surface reaction leading to the dissolution of soap scum. The hydrophobic 
nature of the soap scum surface is a factor making aqueous based cleaning more 
difficult. Surfactant has been known for its ability to promote the wetting of aqueous 
solution on to a nonpolar (low-energy) surface by reducing the surface tension of a 
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liquid [18]. Luner et al. [19] found that there is a correlation between dissolution of a 
hydrophobic drug powder and wettability by surfactant solutions. In a similar way, 
the wettability was found to influence the dissolution of hydrophobic drugs by bile 
salts or other surfactants independent of solubility [19-22].  
One method to evaluate the wetting ability or wettability is to measure the 
contact angle of a sessile drop on the substrate as illustrated in Fig. 6.1. The contact 
angle is defined as the angle between the substrate and the droplet and measured on 
macroscopic, smooth, nonporous, planar substrates. A direct measurement of contact 
angle can be done using an angle goniometer or image photography [18, 23]. Young’s 
equation [18] shows the relationship between the contact angle and the interfacial 





γγθ −=cos   (6.3) 
 
where θ  is the contact angle, and SVγ , SLγ , and LVγ  are the interfacial tension for the 
solid-vapor, solid-liquid, and liquid-vapor interfaces, respectively. The lower the 




6.2.1 Materials  
Sodium dodecyl sulfate (SDS) (99+% purity), obtained from Fisher Scientific 
(Fair Lawn, NJ), was further purified by recrystallization from water and then from 
 149
methanol, followed by drying under a vacuum at 30 oC. Dimethyldodecylamine oxide 
(DDAO) was obtained from Stepan and used without further purification. Octyl 
polyglycoside (C8APG) was obtained from Akzo Nobel and used as received. 
Disodium ethylenediaminetetraacetate (Na2EDTA) (100% purity) was obtained from 
Fisher Scientific and used without further purification. Stearic acid (99 % purity), 
obtained from Alfa Aesar (Heysham, Lancaster), was used without further 
purification. Sodium stearate (> 99% purity) was obtained from Sigma-Aldrich and 
used as received. Calcium hydroxide (99.995% purity) was obtained from Sigma-
Aldrich (St. Louis, MO). Absolute ethyl alcohol (100% purity) was obtained from 
AAPER (Shelbyville, KY). Acetone (A.C.S. grade) and methanol (A.C.S. grade) 
were obtained from Fisher Scientific. Double deionized water was used in all 
experiments. 
 
6.2.2 Sample Preparation 
Calcium stearate (Ca(C18)2), calcium salt of stearic acid, was prepared from 
stearic acid. Stearic acid was first dissolved in ethanol or methanol and then mixed 
with an excess concentration of a clear solution of calcium hydroxide. The precipitate 
was filtered and rinsed with water, ethanol, and acetone to remove excess calcium ion 







6.2.3.1 Kinetics of Dissolution  
The rate of Ca(C18)2 dissolution was evaluated using a differential reactor (a 
flow cell reactor), shown in Fig. 6.2. The flow cell was modified from the differential 
flow cell apparatus used in the study of asphaltene dissolution [24]. An aqueous 
solution containing a mixture of surfactant and chelating agent was injected through 
the reactor at a constant flow rate controlled by a peristaltic pump. A reactor flow cell 
is made from a 25-mm Millipore Teflon filter holder. A 0.0100 gm sample of 
Ca(C18)2 was placed between two 0.22-micron Durapore hydrophilic membranes. The 
flow cell and tubing system were immersed in the temperature-controlled water bath, 
which was set at a temperature of 25 oC. The amount of dissolved Ca(C18)2 was 
quantified by measuring the weight loss.  
Percentage of Ca(C18)2 dissolved = [(Initial mass of Ca(C18)2 -  Unreacted 
mass of Ca(C18)2)/Initial mass of Ca(C18)2] x 100 % 
 
6.2.3.2 Preparation of Solid Surface for Contact Angle Measurement 
 A smooth surface of Ca(C18)2 substrate was made by lightly pressing the 
Ca(C18)2 powder against a glass sl]ide.  
 
6.2.3.3 Contact Angle Measurement  
An automated drop tensiometer (Tracker 100, IT-Concept, Saint-Clément-les-
Places, France) was used to measure the dynamic contact angle of solutions of 
interest on solid soap scum. A sessile drop was created by injecting a solution from a 
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micro syringe on the solid substrate. A digital video image of the drop was captured 
and the contact angle on both sides of the drop was calculated in real-time, based on 
the axisymmetric drop shape analysis. The data were taken at one second intervals. 
The reported contact angle value is a grand average of the left and right angles from 
all the runs. The temperature was maintained at 25 oC.  
 
6.3 RESULTS AND DISCUSSION 
 
6.3.1 Kinetics of Dissolution  
Figures 6.3, 6.4 and 6.5 show the dissolution of Ca(C18)2 at varying pH levels 
in solutions of 0.1 M SDS/0.1 M Na2EDTA, 0.1 M DDAO/0.1 M Na2EDTA, and 0.1 
M C8APG/0.1 M Na2EDTA, respectively, as a function of time with their calculated 
initial rate constants (k). Figures 6.6-6.8 plot the same data with the three different 
solution compositions compared at constant pH at 4, 7, and 11, respectively, with 
their calculated initial rate constants. The temperature was maintained at 25 oC for all 
experiments. The solid lines plotted in Figs 6.3-6.5 and 6.6-6.8 are the theoretical 
dissolution rate of Ca(C18)2 calculated from the k values. All systems show an 
increase in dissolution of Ca(C18)2 with time, asymptotically approaching 100 % for 
the systems with the fastest kinetics over the 30-minute observation time. Increasing 
pH causes an increasing dissolution at all times for DDAO and C8APG, but 
decreasing dissolution for SDS (Figs. 6.3, 6.4 and 6.5), consistent with the trends of 
equilibrium solubility [1]. However, even at a pH of 4, the dissolution was low for 
SDS (maximum of 40 % at 30 minutes) and about the same for DDAO and SDS, with 
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C8APG showing about half the percentage dissolved compared to DDAO and SDS at 
all times (Fig. 6.6). The highest rate of dissolution was for DDAO and C8APG at pH 
11, which show nearly quantitative removal at 30 minutes (Fig. 6.8). At pH 11, SDS 
causes little dissolution (3% at 30 minutes). At pH 7, the order of effectiveness is 
DDAO> C8APG>SDS (Fig. 6.7).  
Table 6.1 and Fig. 6.9 show the equilibrium solubility [1] of Ca(C18)2 and the 
fraction of the Ca(C18)2 dissolved after 10 minutes in the flow experiments from Figs. 
6.3, 6.4, and 6.5 for the three surfactants and three pH levels used in this study at the 
same surfactant and chelant concentrations. Even though DDAO has both the highest 
solubility and the highest dissolution of Ca(C18)2 at its best pH (11), at a given 
Ca(C18)2 solubility, the order of dissolution effectiveness is C8APG, DDAO, then 
SDS from Fig. 6.9.  So, the nonionic surfactant is the most synergistic in improving 
the rate of dissolution of Ca(C18)2 for a given thermodynamic driving force for 
dissolution (the solubility), followed by the cationic surfactant (DDAO at pH 4 where 
solubilities are comparable), followed by the anionic surfactant. At this pH, the 
stearate is protonated to form the nonionic stearic acid [1]. 
 The highest dissolutions for pH 11 at a given time with DDAO or C8APG are 
driven by high Ca(C18)2 solubility and moderate solubility/rapid kinetics, 
respectively.  From the solubility study of Ca(C18)2 as Part I of this series [1], the high 
solubility of pH 11 is due to the chelant most effectively complexing calcium at that 
pH and the anionic stearate anion co-micellizing with the zwitterionic DDAO, and to 
lesser extent, the nonionic C8APG.  
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Figures 6.10 and 6.11 compare the dissolution of Ca(C18)2 at different 
flowrates of 0.5 and 1 mL/min in a 0.1 M SDS/0.1 M Na2EDTA solution at pH 4 and 
11, respectively, with their calculated initial rate constants. Figures 6.12-6.14 
compare the dissolution of Ca(C18)2 at different flowrates of 0.5 and 1 mL/min in a 
0.1 M DDAO/0.1 M Na2EDTA solution at pH 4, 7 and 11, respectively, with their 
calculated initial rate constants. The solid lines in Figs. 6.10-6.14 represent the 
theoretical dissolution rate of Ca(C18)2 based on the experimental k values. The 
dissolution curves for the same surfactant/chelant system and pH level show no 
significant different when compared at flow rates of 0.5 and 1 mL/min. These results 
indicate that the dissolution of Ca(C18)2 is independent of the mass transfer effects in 
the bulk solution adjacent to the solid surface of soap scum since the time for 
dissolution of a specified fraction of the Ca(C18)2 would be halved by doubling the 
flow rate if the dissolution were equilibrium-limited, the independence if rate of 
dissolution on flow rate proves that the dissolution is not equilibrium limited. 
Only the dissolution data from the first 10 minutes of the experiment is used 
to obtain the values of k, so it is referred to as an “initial rate constant”. The initial 
rate constants for each systems were calculated from a slope of a plot of ln(M/M0) vs. 
time (Eq. 6.2). From Figs 6.3-6.8 and 6.10-6.14, the first order kinetic expression 
describes the rate of Ca(C18)2 dissolution quite well  (R2 no lower than 0.98 for any 
systems). The theoretical rate of dissolution calculated from k is also shown along 
with the experimental rate of dissolution and there is a good agreement between 
experimental and theoretical dissolution except in some systems at longer dissolution 
time. The kinetic rate constant (k) is a convenient single parameter useful in 
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comparing the rate of dissolution in different systems. The trends already discussed 
can be deduced from the values of k in Tables 6.2-6.4 (e.g., Table 6.4 clearly shows 
the rate of dissolution increases with increasing pH for the C8APG system). Small 
changes in the rate of dissolution data can substantially affect the best fit value of k. 
For example, from Fig. 6.10, the rate of dissolution data at flow rates of 0.5 mL/min 
and 1.0 mL/min are indistinguishable (error bars overlap), but k = 0.0239 min-1 and 
0.0250 min-1, respectively. 
Table 6.5 shows the duration of time for the systems of 0.1 M surfactant/0.1 
M chelant at 1 mL/min to dissolve 100% of Ca(C18)2 initially placed (0.01 gm) if the 
system were to reach equilibrium instantaneously from equilibrium solubility data 
from [1]. It is clearly shown that all the systems are far from equilibrium. For 
example, for 0.1 M DDAO/0.1 M Na2EDTA, it would require 30 seconds to 
completely dissolved 0.01 gm of Ca(C18)2, but at 10-minute reaction time, only 65 % 
of Ca(C18)2 is dissolved. This confirms the conclusion that the dissolution is rate-
limited, not equilibrium-limited deduced from flow rate effects. 
The first order reaction assumes that the rate of dissolution is proportional to 
the amount of solid soap scum remaining. Since we have shown that the surface 
reaction is the rate limiting step in dissolution, this would imply that the area of solid 
available to be contacted by the solution is proportional to the mass of solid 
remaining as the solid shrinks with dissolution. This might be a characteristic of the 
shape of the disk used in our flow cell apparatus so the general applicability of the 




Figures 6.15 and 6.16 show the dynamic contact angle of Ca(C18)2 of 0.1 M 
SDS/0.1 M Na2EDTA and 0.1 M DDAO/0.1 M Na2EDTA on the smooth surface of 
solid Ca(C18)2. The contact angle of a water droplet on a surface is very high at about 
120o, indicating how hydrophobic the Ca(C18)2 is. The surfactant concentration used 
was much higher than the CMC so all of three surfactants have very low γLV at 
around 30 mN/m. The γSV would be the same for all solution systems but γSL could 
vary from system to system since γSL depends on the adsorption of the dissolved 
surfactant on the surface of Ca(C18)2 [25, 26]. The solution system that has higher 
interaction with the Ca(C18)2 (lower γSL) could produce a lower contact angle. 
According to Young’s equation, it has to be noted here that the flat surface of the 
Ca(C18)2 used here is not non-porous and not inert to the wetting solution. When the 
surfactant/chelant is in contact with the surface, it completely wets and/or penetrates 
the surface so an equilibrium contact angle does not exist. Therefore, we measured 
the dynamic contact angle at a short period of contact time (< 300 seconds) since 
eventually, the droplet would become flat and the contact angle disappears.  
The dynamic contact angles shown in Figs 6.15 and 6.16 are low, even for 
systems with slow dissolution (e.g., SDS at pH 11). The fast dissolving DDAO 
solutions have a higher contact angle than the slow dissolving SDS solutions. So, the 
dissolution rate is not limited by the rate of wetting. At pH 11 for the 0.1 M SDS/0.1 
M Na2EDTA solution, where no dissolution was observed, the contact angle is low 
but the rate of change in contact angle is very low compared to the other faster 
dissolving systems that the contact angle keeps decreasing at a higher rate. Since the 
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dissolution rate is limited by a surface reaction, these results support the intriguing 
possibility that a high rate of change of contact angle may correlate to a fast surface 
reaction. 
 
6.3.3 Mechanism Determining Rate of Dissolution 
The systems studied here are quite far from equilibrium when comparing the 
rate of dissolution and equilibrium solubility and the transfer of surfactant/chelant 
from bulk solution to the surface of Ca(C18)2 is not a rate determining step. Even 
though higher dissolution corresponds to higher equilibrium solubility as depicted in 
Fig. 6.9, the equilibrium solubility as a thermodynamic driving force cannot be used 
to explain the dissolution kinetics. Also supporting this concept is that at the same 
solubility, the different surfactant systems exhibit different rates of dissolution. For 
example, the solubility of Ca(C18)2 in 0.1 M C8APG/0.1 M Na2EDTA is lower than 
0.1 M DDAO/0.1 M Na2EDTA at pH 11, but the dissolution of Ca(C18)2 in both 
system can attain the same level of dissolution when compared at 10-minute reaction 
time. So, correlation between solubility and dissolution rate is not cause and effect. 
However, it is reasonable to hypothesize that a faster surface reaction between the 
soap scum and surfactant/ligand increases with increasing equilibrium solubility. The 
same mechanisms responsible for solution solubility of Ca(C18)2 (chelation of calcium 
by ligand and mixed aggregate formation by the added surfactant and stearate) can 
also be occurring at the soap scum surface in a surface reaction. The contact angle 
data shows that all the systems studied here can wet the surface quite well so 
wettability at the soap scum does not limit the dissolution rate. A higher rate of 
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contact angle change correlates with a faster dissolution rate, supporting a surface 
interaction or reaction as important in determining dissolution kinetics. According to 
the Ca(C18)2 dissolution steps proposed earlier, the rate limiting steps could be steps 
2-4, which are adsorption of surfactant/chelant, penetration of solution, and 
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Table 6.2 Kinetic rate constants of the dissolution of Ca(C18)2 by a solution of 0.1 M 
SDS/0.1 M Na2EDTA 
 Reaction rate constant (min-1) 
Flowrate 0.5 mL/min 1 mL/min 
pH 4 0.0239 0.0250 
pH 7 0.0177 0.0179 
Table 6.3 Kinetic rate constants of the dissolution of Ca(C18)2 by a solution of 0.1 M 
DDAO/0.1 M Na2EDTA 
 Reaction rate constant (min-1) 
Flowrate 0.5 mL/min 1 mL/min 
pH 4 0.0168 0.0220 
pH 7 0.1262 0.1134 
pH 11 0.1234 0.1151 
 
Table 6.4 Kinetic rate constants of the dissolution of Ca(C18)2 by a solution of 0.1 M 
C8APG/0.1 M Na2EDTA  
 Reaction rate constant (min-1) at a 
flowrate of 1 mL/min 
pH 4 0.0070 
pH 7 0.0917 
pH 11 0.1287 
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Table 6.5 The duration of time for the solutions of 1 mL/min of 0.1 M surfactant/0.1 M 
chelant to completely dissolve 0.0100 gm of Ca(C18)2 in a flow cell experiment if the 
system were at equilibrium 
0.1 M surfactant/0.1 M chelant pH Time to dissolve 
100 % (min) 

















































Fig. 6.1 Illustration of contact angle and interfacial tensions of the three interfaces 


































0.22 micron membrane 
(DURAPORE) 
Mass balance analysis 
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Fig. 6.3 Dissolution of Ca(C18)2 in a solution of 0.1 M SDS/0.1 M Na2EDTA at a 











pH 4, k = 0.0250 min-1
 






































Fig. 6.4 Dissolution of Ca(C18)2 in a solution of 0.1 M DDAO/0.1 M Na2EDTA at a 









pH 4, k = 0.0220 min-1 
pH 7, k = 0.1134 min-1 
pH 11, k = 0.1151 min-1 
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Fig. 6.5 Dissolution of Ca(C18)2 in a solution of 0.1 M C8APG/0.1 M Na2EDTA at a 








pH 4, k = 0.0070 min-1 
pH 7, k = 0.0917 min-1 

































Fig. 6.6 Dissolution of Ca(C18)2 in different surfactant/chelant systems at pH 4 and a 




0.1 M SDS/0.1 M Na2EDTA 
0.1 M DDAO/0.1 M Na2EDTA
0.1 M C8APG/0.1 M Na2EDTA
k = 0.0250 min-1 
k = 0.0220 min-1




































Fig. 6.7 Dissolution of Ca(C18)2 in different surfactant/chelant systems at pH 7 at a 








0.1 M SDS/0.1 M Na2EDTA
0.1 M DDAO/0.1 M Na2EDTA
0.1 M C8APG/0.1 M Na2EDTA 
k = 0.1134 min-1 
k = 0.0917 min-1 



































Fig. 6.8 Dissolution of Ca(C18)2 in different surfactant/chelant systems at pH 11 at  a 







0.1 M SDS/0.1 M Na2EDTA
0.1 M DDAO/0.1 M Na2EDTA
0.1 M C8APG/0.1 M Na2EDTA 
k = 0.1287 min-1 













































Fig. 6.9 Comparison of equilibrium solubility and dissolution of Ca(C18)2 at 10 







































Fig. 6.10 Dissolution of Ca(C18)2 by 0.1 M SDS/0.1 M Na2EDTA at flowrates of 0.5 










k = 0.0239 min-1


































Fig. 6.11 Comparison of dissolution of Ca(C18)2 by 0.1 M SDS/0.1 M Na2EDTA at 
flowrates of 0.5 and 1 mL/min and pH of 7  
k = 0.0179 min-1
































Fig. 6.12 Dissolution of Ca(C18)2 by 0.1 M DDAO/0.1 M Na2EDTA at flowrates of 0.5 












                                                                         
k = 0.0220 min-1

































Fig. 6.13 Dissolution of Ca(C18)2 by 0.1 M DDAO/0.1 M Na2EDTA at flowrates of 0.5 













k = 0.1262 min-1 

































Fig. 6.14 Dissolution of Ca(C18)2 by 0.1 M DDAO/0.1 M Na2EDTA at flowrates of 0.5 









k = 0.1234 min-1
k = 0.1151 min-1 
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Fig. 6.15 Dynamic contact angle of a solution of 0.1 M SDS/0.1 M Na2EDTA at pH 4 

































Fig. 6.16 Dynamic contact angle of a solution of 0.1 M DDAO/0.1 M Na2EDTA at pH 4 
and 11 compared with water on solid Ca(C18)2 
